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PREFACE 

The rapid growth and elaboration of physical chemistry have 
tended to divorce the theoretically interesting parts of the 
science from the laboratory experience of the student. In 
some of the more recently developed fields the average stu¬ 
dent sometimes has very little notion of the laboratory 
measurements involved or of the processes leading from the 
experimental observations to the quantities round which 
theoretical discussion centres. This ever-widening gap be¬ 
tween book and laboratory can be partially bridged by 
exercise in the calculations involved in interpreting the 
experimental data of modern research. The educational 
value of the numerical problem is well known and several 
collections of problems have been widely and effectively used. 
On the other hand, no collection of problems seems to have 
been published with the purpose of reflecting the recent trends 
of physical chemistry. This book is an attempt to fill the gap. 

All but two or three of the problems are based on original 
])apers; rather more than three-quarters are taken from 
papers which have appeared during the last fifteen years. 
The papers on which the problems are based have been chosen 
primarily because they provide full experimental results in 
a form amenable to calculation. Some will be recognized as 
classical papers in their field; nearly all may be regarded as 
representative of research in the branch 6f physical chemistry 
concerned. As the book is primarily intended for English- 
speaking students, about four-fifths of the problems have 
been taken from papers published in English, divided roughly 
equally between British and American publications. 

The selection of problems has necessarily been an arbitrary 
and personal one. Some parts of physical chemistry do not 
readily lend themselves to numerical calculation; some im¬ 
portant papers are not sufficiently explicit as to the original 
experimental results to be useful for the present purpose. 
These considerations apart, any selection made by an indi¬ 
vidual physical chemist is bound to be uneven in emphasis 
and effectiveness. 
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Explanatory notes are appended to every problem. These 
notes consist of suggestions as to the line of attack, observa¬ 
tions on the theoretical significance of the problem, text-book 
references or references to recent original papers relevant 
to the theme of the problem. It is hoped that the useful¬ 
ness of the book will be enhanced by the analytical table on 
pp. xiv-xix in which every problem is related to the relevant 
chapter of a selection of the text-books commonly used in uni¬ 
versities and colleges at the present time. Arithmetical labour 
has been reduced as much as possible by printing at the back 
of the book a table of useful constants and factors, together 
with their logarithms. Answers are often given in some detail, 
and for some of the longer problems numerical values obtained 
at intermediate stages of the calculation are quoted. 

Any usefulness this book may have is primarily due to 
the helpfulness and encouragement of my friends and col¬ 
leagues. I am more especially indebted to my colleagues 
Professor C. N. Hinshelwood, Messrs. R. P. Bell and E. J. 
Bowen, whom I have constantly consulted on a great variety 
of points, to Professor N. V. Sidgwick, Dr. M. Dole of North¬ 
western University, Dr. E. A. Guggenheim of University 
College, London, and Mr. W. F. K. Wynne-Jones of Reading 
University, who have given me the benefit of their comments 
at various stages in the preparation of the book. Miss Dorothy 
Crowfoot has very kindly composed the section on crystal 
structure in its entirety. Professor N. K. Adam has been 
good enough to draft the problems on surface films from 
his own laboratory note-books. My own pupils have very 
gallantly helped by working out nearly all the problems, 
thus enabling me to adjust their standard as regards both 
length and difficulty. Mrs. T. W. J. Taylor has generously 
verified all the references. To my wife I owe a great debt for her 
constant encouragement. Finally I must express my thanks 
to the Clarendon Press for their helpfulness and courtesy. 

OXFOED J. H. W. 

January^ 1938 


(vi) 



CONTENTS 


ANALYTICAL TABLE AND LIST OF TEXT-BOOKS COM- 
MONLY REFERRED TO . . . . . 

NOTES ON THE USE OF THE BOOK 

PROBLEMS 

FUNDAMENTAL CONSTANTS 
1. Avogadro’s number determined from the sedimentation of 


colloid particles ...... 1 

2. Avogadro’s number from the rate of diffusion of colloid particles 2 

3. *The electronic charge from oil-drop experiments . . 3 

4. Planck’s constant from the photo-electric effect . . 5 

5. Planck’s constant from ionization potentials . .6 

STOICHIOMETRY 

6. The atomic weight of ceurbon from the limiting density of carbon 

monoxide measured with a micro-balance . .7 

7. ♦A comparison of the pressure-volume data for ethylene with 

the equations of state of van der Waals and Dieterici . 8 

8. The molecular weight of hydrogen chloride from its limiting 

density ....... 9 

0. The moleoxilar weight of ‘Bence-Jones’ protein by the ultra- 

centrifuge . . . . . . .10 

10. Atomic weights and isotopic composition . . .11 

GASEOUS EQUILIBRIA 

11. The dissociation of iodine vapour . . . .13 

12. *The Deacon equilibrium and the electromotive force of the 

hydrogen-oxygen cell . . .14 

13. ♦The dissociation equilibria of steam and the oxides of carbon 16 

14. ♦Gaseous equilibria from free energy tables . . .18 

16. The thermodynamic feasibility of various syntheses by the 

Nemst approximation formula . . .20 

16. The entropy of methanol and the free energy of its formation 

from its dements . . . . . .21 

17. The methanol synthesis equilibrium from entropy data . 23 

18. Thermal ionization in the sun calculated from the Nemst 

approximation formula . • . . .24 

HETEROGENEOUS EQUILIBRIA 

19. The thermal analysis of antimony-gold alloys , . .26 

20. The system beryllium sulphate—^potassium sulphate—water . 26 

21. The system ferric chloride—ammonium chloride—water . 27 

22. The system sodium carbonate—sodium chloride—water . 29 

23. The system lithium oxide—chromium trioxide—water , 30 

♦ Seep. XX. 

(vii) 




32 


24. The latent heat of vaporization of lead from vapour-pressure 

data ....... 

25. The thermodynamic feasibility of some heterogeneous reactions 


deduced from free energy tables . . , .33 

26. The adsorption of carbon monoxide on mica . . .34 

27. The adsorption of nitrous oxide on charcoal, using the ‘sorption 

balance’ . . . . . . .36 

28. An experimental test of the Gibbs adsorption isotherm . 37 

29. Adsoi^ption at an air-solution interface measured by the micro¬ 

tome method . . . . . ,39 


THERMOCHEMISTRY AND MISCELLANEOUS THERMO¬ 
DYNAMICS 


30. The heat of formation of some simple inorganic substances . 41 

31. The heat of formation of steam at high temperatures . .43 

32. The specific heat of salt solotions from the temperature co¬ 

efficient of the heat of solution . . . .44 

33. The entropy of nickel . . . . . .45 

34. The heat of formation of silver iodide and the entropy of iodine 46 

35. The relation between osmotic pressure and vapour-pressure 

lowering in concentrated solution . . . .47 

36. *The calculation of partial molar quantities . . .48 

37. *The thermodynamic* relations of grey and white tin . . 50 

38. The heat capacity of lead compared with the Einstein equation 51 

39. The Einstein equation applied to the specific heat of chlorine . 53 

40. The electron affinity of iodine by the ‘ Bom cycle ’ . .54 

CONDUCTIVITY OF SOLUTIONS AND TRANSPORT NUMBERS 

41. The conductivity of trimethyl tin chloride in ethyl alcohol . 55 

42. A tost of the Onsager equation for aqueous sodium chloride . 55 

43. The conductivity of salts in solvents of low dielectric constant 57 

44. The conductivity of silver nitrate in benzonitrile and its true 

degree of dissociation . . . . .58 

45. ♦The transport numbers of potassium chloride by a modern 

application of Hittorf’s method . . . .59 

46. *The hydration of ions . . . .60 

47. The transport numbers of sodium chloride from moving bound¬ 

ary measurements , . . . . .62 

EQUILIBRIA IN SOLUTION 

48. Activity coefficients and transport numbers of hydrogen 

chloride in methanol from electromotive force measiurements 63 

49. Activity coefficients of concentrated cK^ueous hydrochloric acid 

solutions from vapour-pressure measurements . 64 

50. ♦Activity coefficients of aqueous hydrochloric acid solutions from 

electromotive force measurements . . . .66 

51. Activity coefficients of cobaltammine salts from solubility 

measurements . . . . . .68 

• Sec p. XX. 

(vui) 




62. ♦Activity coefficients of aqueous solutions of butanol from freez¬ 

ing-point measurements . . . .69 

63. ♦Activity coefficients of sodium chloride solutions from the 

electromotive force of concentration cells with liquid junction 
and transport numbers . . . . .71 

64. The dissociation constant of the naphthalene-picric acid com¬ 

plex from cryoscopic measurements. . . .72 

55. The hydrolysis of aqueous solutions of iodine from conductivity 

measurements . . . . . .74 

56. ♦The iodine-tri-iodide equilibrium, the free energy of formation 

of silver iodide, and the 8t€Lndard potential of the iodine 
electrode . . . . . . .75 

57. The dissociation constant of monochloraoetic acid determined 

by catalytic measurements . . . . .78 

58. ♦The Ostwald and thermodynamic dissociation constants of nitric 

acid in methanol solution . . . . .80 

59. ♦The thermod 3 mamic dissociation constant of acetic acid from 

conductivity measurements . . . . ,81 

60. ♦The thermodynamic dissociation constant of acetic acid in 

aqueous solution from electromotive force data . . 83 

61. The thermodynamic dissociation constant and heat of dissocia¬ 

tion of water from electromotive force measurements . 84 

62. The thermodynamic dissociation constant of water, determined 

from an equilibrium involving mercuric oxide and mercuroxis 
bromide . ...... 86 

63. The cryoscopic behaviour of triphenylmethane and of tetra- 

isofiunyl-ammonium nitrate in dioxane solution . . 87 

64. Estimates of the concentration of imdissociated molecules in 

aqueous hydrochloric acid . . . . .88 

65. The dissociation constants of benzoic and tartaric acids from 

electrometric titration measurements . .90 

66. The equilibrium between ferrous and ferric ions . . 92 

67. The electrometric titration of an organic oxidation-reduction 

system . . . . . . .96 

68. An experimental test of the Donnan theory of membreme 

equilibrium. . . . . .97 

MISCELLANEOUS ELECTROCHEMISTRY 

69. The heat of solvation of ions . . .99 

70. Standard electrode potentials in methanol . . .100 

71. An experimental test of the interionic attraction theory applied 

to heats of dilution ...... 101 

72. The kinetics of the electrolytic discharge of hydrogen and 

oxygen from aqueous solutions .... 103 

73. The electrolytic separation of deuterium . . . 106 

74. The deuterium content of ordinary water and the electrolytic 

separation of the oxygen istopes .... 107 

* See p. xr. 

(ix) 


b 



KINETICS OF THERMAL REACTIONS 

75. The molecular statistics of the catalytic decomposition of ozone 109 

76. The distribution of molecular velocities . .110 

77. The distribution of energy in bimolecular collisions . .Ill 

78. The thermal decomposition of nitrous oxide in the gaseous phase 112 

79. The thermal decomposition of nitrous oxide on gold , .114 

80. The cis-trans isomerization of methyl cinnamate in the gaseous 

phase . . . . . ,115 

81. The thermal decomposition of ammonia on timgsten and platinum 116 

82. ♦The kinetics of the reaction between nitric oxide and hydrogen 118 

83. The kinetics of the para ortho-hydrogen conversion . 120 

84. ♦The statistics of the reaction of atomic chlorine with hydrogen 122 

85. ♦The thermal decomposition of dimethyl ether .124 

86. The acid hydrolysis of methyl acetate . . . .126 

87. The hydrolysis of ethyl bromide with alcoholic potash . 127 

88. The effect of aromatic substitution on reaction velocity 128 

89. The primary salt effect in reactions of the cobaltammines . 130 

90. A test of the primary salt effect in dilute solution . .132 

91. The muta-rotation of glucose . . . . .134 

92. The determination of the catalytic coefficients of acids and 

bases in the muta-rotation of glucose . . .134 

PHOTOCHEMISTRY 

93. The isomerization of ortho-nitro-benzaldehyde by light . 137 

94. The photochemical oxidation of phosgene . . .138 

95. The iodine-sensitized photochemical decomposition of ethylene 

iodide in carbon tetrachloride solution . . .139 

96. The photochemical addition of bromine to cinnamic acid . 142 

97. A determination of the mean life of fluorescent molecules . 146 

98. ♦The photochemical decomposition of nitrogen peroxide . 148 

MOLECULAR STRUCTURE 

99. The parachors of phosphorus tribromide and azoxybenzene . 151 

100. The parachor of para-tolyl-isocyanide in carbon tetrachloride 

solution ....... 162 

101. Molecular dimensions derived from the two dissociation con¬ 

stants of a dibasic acid . . . . .153 

102. The dipole moment of gaseous hydrogen chloride . .156 

103. ♦The dipole moment of benzal chloride . . . 156 

104. The dipole moment of arsenic trifluoride . . .157 

106. The dipole moment of tetra-isoamylammonium picrato in 

benzene solution . . . . . .168 

106. ♦The polarization of 2:2 dimethylpentane . . .160 

107. Films of hexadecyl alcohol on water . . . .161 

108. Films of myristic acid on water . , ,162 

109. Films of n-octadecylamine hydrochloride on water . .163 

110. Films of myristic acid on water at large areas per molecule . 163 

• See p. XX. 

(X) 





111. The force-constants of linkages from Raman spectra , .166 

112. Heats of formation of covalent links .... 167 

113. The dimensions of the hydrogen chloride molecule from its 

rotation spectrum . . . . . .169 

114. The heat of dissociation of chlorine from its absorption 

spectrum ....... 170 

116. The heat of dissociation of the diatomic sodium molecule from 

spectroscopic data . , . . . .171 

116. The heat of dissociation of oxygen from spectroscopic data . 172 

117. The heat of dissociation of carbon monoxide from its vibra¬ 

tional energy levels . . . .173 

118. The heat of dissociation of lithium hydride from its vibrational 

energy levels . . . . . . 174 

119. ♦The Morse equation for the potential energy curve of a diatomic 

molecule and its evaluation from spectroscopic data . 175 


CRYSTAL STRUCTURE 

120. The wave-length of palladium X-radiation . 

121. ♦The atomic scattering curves of sodium, chlorine, and fluorine 

122. The molecular weight and 83 rmmetry of nickel phthalocyanino 

123. ♦The cr 3 r 8 teJ structure of iron pyrites . 

124. Interatomic distances in zinc oxide 

126. ♦The Fourier representation of the dependence of atomic vibra 
tion on temperature in sodium chloride 

RADIOACTIVITY 

126. The radioactive constant of thorium-X from ionization measuie- 

ments . . . . . . .189 

127. The rcwiioactive constant of radium determined by counting the 

alpha-particles emitted ..... 191 

128. The radioactive constant of uranium by analysis . .192 

129. The radioactive constant of uranium-II from the Geiger-Nuttall 

relation ....... 193 

130. The production of helium by radium .... 194 

131. The atomic number of hafnium from its X-ray spectrum . 196 

132. The surface of a precipitate measured by radioactive indicator 196 

133 . Mass-energy equivalence for nuclear disintegration . .197 

ANSWERS.199 

USEFUL QUANTITIES AND THEIR LOGARITHMS 227 and 

hack end-paper 


177 

178 
180 
182 

183 

184 


b 2 




(Xi) 





ANALYTICAL TABLE 

AND LIST OF TEXT-BOOKS COMMONLY 
REFERRED TO 

In the following analytical table against every problem is set 
the relevant chapter or chapters in a number of text-books 
somewhat arbitrarily selected from those in general use. 
Owing to the varying standard and range of the text-books 
the chapter quoted may, in some cases, give little more than 
a very general background to the problem, while in others 
it may suggest the detailed method of solution. A specific 
treatment of some of the most recent problems is naturally 
not to be found in any text-book. 

The following text-books are included in the table: 

J. Eggert: Physical Chemistry (trans. S. J. Gregg) (London, 
1932). 

A. Eucken, E. R. Jette, and V. K. LaMer: Fundamentals of 
Physical Chemistry (New York, 1925). 

A. Findlay: Introduction to Physical Chemistry (London, 1933). 
F. H. Getman and F. Daniels: Outlines of Theoretical Chem¬ 
istry, 0th edn. (New York, 1937)4 
W. C. McC. Lewis: A System of Physical Chemistry (London: 
vol. i, 2nd edn., 1918; vol. ii, 4th edn., 1925; vol. iii, 
3rd edn., 1924). 

F. H. McDougall: Physical Chemistry (New York, 1930). 

E. B. Millard: Physical Chemistry for Colleges, 4th edn. (New 
York, 1930). 

H. S. Taylor: Elementary Physical Chemistry, 2nd edn. (New 
York and London, 1937). 

H. S. Taylor: A Treatise on Physical Chemistry, 2nd edn. (New 
York and London, 1931). 

The following more specialized books are helpful in a sub¬ 
stantial number of problems and have therefore been in¬ 
cluded in the table: 

J. A, V. Butler: The Fundamentals of Chemical Thermo¬ 
dynamics (London: part i, 3rd edn., 1939; part ii, 1934). 
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M. Dole: Experimental and Theoretical Electrochemisiry (New 
York, 1935). 

S. Glasstone: Recent Advances in Physical Chemistry^ 3rd edn, 
(London, 1936). 

S. Glasstone: Recent Advances in General Chemistry (London, 
1936). 

Where the above text-books are referred to in the notes to 
individual problems the name of the author only is used 
references to ‘Taylor’, without further qualification, are to 
the Treatise and not to the smaller work, and similar refer¬ 
ences to ‘Glasstone’ are to the Recent Advances in Physical 
Chemistry, 

The following additional works are referred to in the notes 
by the name of their author only: 

N. K. Adam: T'he Physics and Chemistry of Surfaces, 2nd edn. 
(Oxford, 1938). 

C. W. Davies: The Conductivity of Solutions, 2nd edn. (Lon¬ 
don, 1933). 

H. Falkenhagen: Electrolytes (trans. R. P. Bell) (Oxford, 
1934). 

A. Findlay: The Phase Rule, Stii edn. (J^ondon. PK18). 

C. N. Hinshelwood: The Kinetics of Chemical Change in 
Gaseous Systems, 3rd edn. (Oxford, 1933). 

G. N. Lewis and M. Randall: Thermodynamics and the Free 
Energy of Chemical Substances (New York, 1923). 

E. A. Moelwyn-Hughes: Kinetics of Reactions in Solution 
(Oxford, 1933). 

E. K. Rideal: Surface Chemistry, 2nd edn. (Cambridge, 1930), 

G. K. Rollefson and JM. Burton: Photochemistry (New York, 
1939). 

^ Except that references to ‘Findlay’ are to The Phase Rule (infra) and 
not to the Introduction to Physical Chemistry, 
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NOTES ON THE USE OF THE BOOK 


1. A table of the more important constants and conversion factors 

with their logarithms will be found at the end of the book. 

2. The (relatively few) problems which require logarithms of 

more than four figures are so designated in the notes relating 
to them. 

3. Problems of substantially more than average length are 

marked with an asterisk. 

4. The reference at the head of each problem is to the paper or 

papers from which the principal data of the problem are 
taken. It is always worth the student’s while to consult this 
reference. 

5. The reference which sometimes precedes the note on a pro¬ 

blem is to one or more text-books where the principles under¬ 
lying the problem are discussed. The relevant chapter in 
other text-books (where the treatment may in some cases 
be less detailed) will be found in the anal 3 ^ical table on 
pp. xiy-xix. 

6. The list of text-books referred to by the author’s name only 

will be found on pp. xii and xiii. 

7. It is better to work out solutions in a note-book rather than on 

loose paper, and it is often convenient to keep one side of the 
page for logarithms and jottings while the opposite side is 
used for the principal steps in the calculation and for any 
incidental tables. 

8. When, as must frequently happen, the same sequence of 

mathematical operations is to be performed on a series of 
data, it makes for accuracy as well as lucidity if the results 
of the successive stages of the calculation are arranged in 
the form of a table; at the same time the logarithms are 
conveniently arranged in parallel columns on the opposite 
page. 

9. It is very helpful to have a comprehensive set of mathematical 

tables (including reciprocals, square roots, exponentials, 
&c.), such as may be found, e.g., in the Handbook of Chemistry 
and Physics (Chemical Rubber Publishing Co., Cleveland), 
which also contains a wide range of chemical and physical 
constants. 
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I. FUNDAMENTAL CONSTANTS 

PROBLEM 1 

Avogadro’s number determined Jrom the 
sedimentation of colloid particles 

Perrin, Ann.de Chimie etde Physique, 1909, 18, I (cf. PtTrin; Atoins, 
transl. Hammick (London, 1923), chap. iii). 

Peebin determined Avogadro’s number by measuring the 
distribution of an aqueous emulsion of rubber latex, whose 
particles were of known radius and density, under the in¬ 
fluence of gravity. 

An emulsion of latex, of density 1-206, in water was centri¬ 
fuged to obtain particles of uniform size. Their radius, 
measured microscopically and also by the application of 
Stokes’s law to their rate of fall under gravity, was 0*212 fx. 
The number of particles (averaged over a j)eriod of time) in 
the field of view of a microscope at various vertical heights 
was as follows: 


Height 

Average number of partichs 


400 , 

35 ,, 

1*88 

65 „ 

0-90 

95 „ 

0*48 


Taking the temperature of the experiment as 15 ' cal¬ 
culate Avogadro’s number from the first and third and from 
the second and fourth observations respectively. 


Lewis, vol. i, chap, i; luickcn, Jt lte, and La 51eT, .section 153. 

NOTE: This is an application of the so-ealled ‘btuoinctne ’ equation 
(cf. Taylor, vol. i, chap, iii) w'hich represents the sodiintndati()n 
equilibrium brought about by the oi)posed effects of therninl a^itjjtdon 
and gravity. It owes its name to the fact that it may be usc(j to 
calculate the change in density of the atmosphere with increasing 
height above the earth’s surface. The sauK* equation is us<.'d in. the 
ultra-centrifuge experiments of Svedberg (cf Problem 9) whore the? 
value of Avogadro’s number is assumed and the equation is used to 
calculate the size of large molecules. 
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PROBLEM 2 


Avogadro’s number from the rate of 
diffusion of colloid particles 

J. Perrin, Ann, de Chimie et de Physique, 1909, 18, 1 (cf. Perrin, 
Atoms, transl. Hammick (London, 1923), chap. iv). 

Perrik measured the Brownian motion of a number of 
latex particles suspended in water. From the records of the 
paths of a series of fifty particles the mean squares of the dis¬ 
placement along a given arbitrary axis of direction w^ere 
calculated for intervals of 30 seconds. The radius of the 
granules was 0-212 fjL and the viscosity of water at the tem¬ 
perature of the experiment (14° C.) was 0-012 poise. 

The following table gives the mean square of the displace¬ 
ment after various intervals of time: 

Time Mean square of the displacement 

(sec.) cm.® xl0~® 

30 45 

60 86-6 
90 140 

120 195 

Calculate the Avogadro number for each value of the mean 
square displacement and also a mean value for the Avogadro 
number. 

Lewis, vol. i, chap, i; Eucken, Jette, and La Mer, sections 154-5. 

NOTE: This method for the evaluation of N depends like the sedi¬ 
mentation method upon the fact that colloid particles behave like 
very large molecules. There is no distinction of kind between the 
visible displacement of a colloid particle and the diffusion of a 
molecule. The equation employed in the solution of this problem 
treats the displacement of the colloid particle as a process of diffusion 
in which the large size of the colloid particle in comparison with 
the molecules of the suspending medium permits the calculation of 
the frictional force resisting motion by Stokes’s law. [The poise is the 
absolute unit of viscosity; it corresponds to a resistance to shear of 
1 dyne per cm.®, where the velocity gradient perpendicular to the 
shearing plane (and direction of motion) is 1 cm./sec. per cm.] 

Among later adaptations of this method may be mentioned that 
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of Fletcher (Phyaikal. Zeit., 1911, 12 , 202; oil drops in air) and 
Kappler (Ann. Physik, 1931, 11 , 233; displacements of a very light 
mirror by random molecular bombardment). 


PROBLEM 3* 

The electronic charge from oil-drop experiments 

Millikan, PhiL Mag., 1917, 34, 1. 

Millikan measured the rate of movement of charged oil- 
drops under the influence of gravity alone and under the 
combined influence of gravity and an electric field. 

The measurements were carried out at 23° C., at which 
temperature the densities of the oil and air (at 760 mm.) 
were 0*9199 and 0*0011923 respectively, the viscosity of air 
being 0*00018226 poise. The drops were timed over a distance 
of 1*0220 cm. The parallel plates between which the potential 
difference was applied were 1*49174 cm. apart. 

The following observations relate to three different oil- 
drops : 


Drop No. 


5 

12 

14 

Potential difference (volts) 

4661 

4661 

4651 

Air Pressure (cm.) 


7500 

3(>*6I 

36*80 

No. 5 

No. 12 

No. 

14 

^9 

tp 


tp 

to 


39*95 

28*77 

29*19 

90*53 

47*78 

66*79 

39*99 

28*70 

29*35 

89*61 

47*40 

354*00 

40*14 

65*78 

29*32 

.34*14 

47*57 

65*91 

39*93 

39*59 

29*14 

34*12 

47*70 

36*70 

40*09 

39*65 

29*11 

49*07 




Time of 

fall under gravity 

“ ^0* 



Time of ascent under gravity and electrical field —~ ip. 


k 

(i) Neglecting the deviations from Stokes’s law, calculate 
the apparent radius and apparent electronic charge for each 
drop. 

(ii) Plot the two-thirds power of the apparent electronic 
charge against the reciprocal of the product of the air pressure 
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and the api^arent radius of the drop, and extrapolate to find 
the true value of the electronic charge. 

K. A. Millikan, Electrons^ Protom^ &c. (Cliicago and Cambridge, 1935), 
chap, v; Lewis, vol. i, chap. i. 

NOTE: It is convenient to begin by converting the times of fall 
imder gravity into a moan velocity of fall and performing a similar 
operation upon the times of ascent in the electric field; these velo¬ 
cities should bo tabulated for each drop together with the sum of the 
velocities with and without the field. The greatest common divisor of 
these sums, which is employed in the calculation of apparent elec¬ 
tronic charge, is readily found by inspection. In calculating the 
latter, as in calculating the apparent radius of each drop, it is worth 
noting that the greater part of the mathematical expression used is 
common to all three drops; it is therefore convenient to work out 
these common factors at the outset. 

Note that the potential gradient must be expressed in electrostatic 
units; for the meaning of ‘poise* see the notes on Problem 2. From 
the slope of the graph of (apparent electronic charge)^ against 
1 /(pressure x apparent radius) the rate of linear deviation from Stokes’s 
law may be obtained and a second approximation to the radii of the 
drops may be made. These now radii may then be used to draw a 
fresh graph of against 1/po, whose extrapolation leads to a more 
accurate value of the electronic charge; in practice, however, the 
further approximation leads to a relatively insignificant change in the 
value of the electronic charge and the result of the first approxima¬ 
tion may be adopted. It will be understood that the use of a selection 
of the data for three drops, out of the twenty-five measured by 
Millikan, introduces a much greater uncertainty than attaches to 
Millikan's final result. 

A recent rodetermination of the viscosity of air (Kellstr6m, Phil, 
Mag. 1937, 23, 313) suggests that Millikan’s value may need slight 
revision. Backlin and Flemberg (Nature, 1936, 137, 665) have 
suggested the possibility of other sources of error and the preliminary 
results of their own redetermination of the electronic charge lead to 
a value of 4-800 x 10“^® e.s.u. 
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PROBLEM 4 


Planck''s constant jrom the photo-electric effect 

Millikan, Phys. 1916, 7, 355. 

Millikan exposed a freshly cut sodium surface in vacuo 
to monochromatic radiation of various frequencies from a 
quartz-mercury arc and collected the photo-electrons emitted 
in a Faraday cylinder connected with an electrometer. He 
measured the electrometer deflexion caused by 30 seconds’ 
illumination when various potentials were applied to the 
sodium surface relative to the Faraday cylinder. In addition 
to the externally applied potential there was a contact poten¬ 
tial between the sodium surface and the oxidized copper 
Faraday cylinder; this contact potential, which may be 
assumed to be constant during the experiment, made the 
sodium positive to the Faraday cylinder. 

Below are tabulated Millikan’s results for the three fre¬ 
quencies selected by him as being among the most reliable: 


Wave-length 5,461 A, 

3,650 

3,126 i. 


Electro- 1 


Electro- 

1 

Electro- 

Applied 

meter 

Applied 

meter 

1 Applied 

meter 

voltage 

deflexion 

voltage 

deflexion 

1 voltage 

deflxxion 

-2-257 

28 ! 

-1*157 

67-5 

-0-5812 

52 

-2*205 1 

14 

-1*105 

36 

1 -0*5288 

29 

-2*152 

7 

-1*0525 

19 

1 -0*4765 

12 

-2*100 

3 

-1*0002 

11 

1 -0*4242 i 

5 



-0*9478 

4 

-0*3718 

2*5 


(i) For each frequency, plot the deflexion against the 
applied voltage and hence estimate the minimum applied 
voltage which, together with the unknown contact potential, 
prevents the fastest photo-electrons from reaching the Fara- 
^^7 cylinder, 

(ii) Plot these minimum voltages against the frequency of 
the incident radiation; from the slope of the line and Milh- 
kan’s value for the electronic charge (4’774xl0"^® e.s.u.) 
calculate Planck’s constant. 
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K. A. Millikan, Elecironst Protons, Ac. (Chicago and Cambridge, 1935), 

chap. X, 

NOTE: The extrapolation to ascertain the minimum stopping 
voltage is a good deal more arbitrary than was originally stispected, 
although the error introduced is probably not very serious. The 
matter is discussed by Du Bridge (Phys, Bev., 1933, 43, 727) and 
Boehr (Phys, Rev,, 1933, 44, 866). 

A recent evaluation of h by this method has been made by Olpin 
(Phys. Rev,, 1930, 36, 261). 


PROBLEM 6 

Planck’s constant jrom ionization potentials 

Lawrence, Phys. Rev., 1926,28,947; Birge, Rev, Mod. Phys., 1929,1,1. 

Lawbencb measured the ionization potential of mercury and 
found it to be 10*40±0*02 volts. The spectrum term of 
mercury corresponding to ionization (i.e. the wave-number 
of the series limit) is 84,178*5 cm.Taking Millikan^s value 
of the electronic charge as 4-774 xlO-^® e.s.u., calculate 
Planck’s constant. 

NOTE: This is a straightforward example of the relation of spectro¬ 
scopic and electrical units of energy. 
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II. STOICHIOMETRY 

PROBLEM 6 

The atomic weight oj carbon jrom the limiting 
density of carbon monoxide measured with a 
micro-balance 

Woodhead and Whytlaw-Gray, J. Chem. Soc., 1933, 846. 

The following table gives a series of values of the pressure 
at which a silica micro-balance at 19-8° C. was in equilibrium 
when filled respectively with oxygen and carbon monoxide 
(prepared in a variety of ways): 



Po, (mm.) 


Series I 

1 182*342 

1 208*319 


182*338 

! 208*287 

Series II 

361*895 

413*482 


1 361*875 

413*445 


361*866 

i 413*462 

Series III 

572*291 

653*965 


572*261 

653*961 


Estimate the limiting value (at zero pressure) of the ratio 
PoJPco hence the atomic weight of carbon. 

NOTE: The pressure ratios derived from the above data are liable 
to two small corrections: the first is the ‘Rayleigh correction’ for 
the decrease in volume (and therefore in buoyancy) of the buoyancy 
bulb caused by the increased pressure in the apparatus when oxygen 
is replaced by carbon monoxide; the second is necessary to correct 
for the shift in the centre of gravity of the buoyancy bulb caused by 
its slu'inkage in volume. These two corrections when appli'^^d lower 
the ratio PoJPco by 0*00011. 

N.B. Five-figure logarithms are necessary in this problem# 
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PROBLEM 7* 


A comparison of the pressure-volume data for 
ethylene with the equations of state of van der 
Waals and Dieterici 

Masson and Dolley, Proc, Boy, Soc, A, 1923, i03, 524; Cardoso and 
Arni, J, Chim, Physique^ 1912, 10, 604. 

The following data were obtained by Masson and Dolley at 
24*95° C. for the volume of ethylene at various pressures in 
terms of its volume at one atmosphere pressure: 


p 

V 

1 

1 

25 

003398 

50 

001294 

75 

0*00488 

100 

0003596 

125 

0003265 


The critical temperature and pressure of ethylene are 9*5° C. 
and 50*65 atmospheres respectively, according to Cardoso 
and Ami. 

Compare graphically the experimental pressure-volume 
data with the predictions of (a) the ideal gas laws ; (b) the 
van der Waals equation; and (c) the Dieterici equation by 
plotting in each case the value of jpv (in terms of its value 
at 1 atmosphere) against p. 

Taylor, vol. i, chap, iv; K. Jellinek, Lehrbuch der phyaikalischen 
Chernie (Stuttgart, 1928), vol. i, pp. 626 et seq. 

NOTE: The foim of the equations of both van der Waals and 
Dieterici make it convenient to calculate p for a series of values of v 
rather than vice versa. A convenient range of volumes for the com- 
jjarison is from 25 litres per mole to 0 07 litres per mole. 

It is interesting to estimate approximately the average distance 
apart of the molecules, expressed in molecular diameters, at the 
highest pressure; a ‘cube lattice’ distribution of molecules may bo 
assumed and the diameter of the ethylene molecule may be taken 
(from viscosity measurements) as 4*54 A. The break-down under 
these conditions of any simple equation of state is easy to understand 
in the light of the result. 

An important recent development in this field is the quantum- 
mechanical calculation of equations of state (see, for example, 
Slater and Kirkwood, Phys, 1931, 37, 682). 
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PROBLEM 8 

The molecular weight oj hydrogen chloride from its 
limiting density 

Whytlaw-Gray and Biut, J. Chem. iSoc., 1909, 95, 1033. 

The following table gives the weight of 457-420 c.c. of hydro¬ 
gen chloride contained in a silica bulb at 0° C. and at various 
pressures in the neighbourhood of atmospheric pressure: 


Pressure 

W eight 

(mm.) 

(gm.) 

766 18 

0*74643 


0*75762 

766*37 

0*75651 


The measurements v ere made in London where g has a value 
1*000588 times its magnitude at latitude 45°. 

(i) Calculate the weight of 1 litre of hydrogen chloride at 
N.T.P. and latitude 45°. 

The following pressure-volume data (corrected for adsorp¬ 
tion on the surface of the glass containing vessel) were 
obtained with a quantity of hydrogen chloride at 0° C.: 


Pressure 

Volume 

pv 

(mm.) 

(c.c.) 

{mm. X c.c.) 

829*50 

66*012 

54,767 

734*65 

74*626 

54,824 

558-67 

98*334 

54,936 

468-21 

117*432 

54,983 

347-70 

158*343 

55,056 

243*40 

226*401 

55,106 

193*41 

285*016 

55,125 

180*24 

305*898 

55,135 

157*57 

349*978 

55,146 


(ii) Calculate the limiting density in grammes per litre of 
hydrogen chloride at N.T.P. and 45° latitude. 

(iii) If the limiting density of oxygen under the same con¬ 
ditions, similarly determined, is 1-42762, calculate the mole¬ 
cular weight of hydrogen chloride. 

NOTE ; These data are taken from the first investigatioi? on atomic 
weights by gaseous density in which the effect of adsorption at 
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different pressures was carefully allowed for. In (ii) the necessary 
graphical extrapolation to limpv introduces an element of un- 

certainty whoso magnitude the student can estimate for himself. 
The authors themselves arrived at the value (from the whole of the 
data from which those given above are selected) of 36*469 for the 
molecular weight of hydrogen chloride and (taking H = 1*0076) of 
35*460 for the atomic weight of chlorine. The accepted modem value 
for the latter is 35*467. Note the uncertainty introduced in the fourth 
decimal ]:>laco for hydrogen chloride by the isotopy of hydrogen 
(see Problem 10). 

For a recent example of the gaseous density method of atomic 
weight determination see Baxter and Starkweather {Proc, Nat, Acad, 
Sci., 1924, 10, 479 and 1925, 12, 703). 

N.B. Five-figure logarithms are necessary in this problem. 


PROBLEM 9 

The molecular weight oj ^Bence-Jones' protein by 
the ultra-centrijuge 

Svedberg and Sjogren, J. Amer. Chem. Soc., 1929, 51, 3694. 

The weight of large molecules such as proteins may be 
determined by measurements of the concentration gradient 
set up when the solution is subjected to an intense field of 
force (in this case c. five thousand times g) in the Svedberg 
ultra-centrifuge. The concentration of different strata of the 
solution is measured by their light absorption at suitable 
wave-length. 

Below are tabulated typical results for the determination 
of the molecular weight of ‘Bence-Jones’ protein: 

The solution centrifuged was a 0‘05 per cent, solution of 
the protein in a phosphate buffer (pH == 5*6). The partial 
specific volume of the (centrifugable) solute was 0*749; the 
density of the solvent was 1*006. The speed of the rotor 
carrying the cell was 10,300 revolutions per minute and the 
temperature of the experiment was 293*3*^ K. 

The concentrations of solution and C 2 at distances and 
X 2 from the axis of rotation, which are set out below, were 
obtained by comparing photographically the absorption of 
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light from a mercury vapour lamp (filtered through chlorine 
and bromine) by the given stratum of solution with that 
absorbed by a M/500 solution of potassium dichromate con¬ 
tained in a second cell on the same rotor: 


Xi- X2 

(cm,) 

6-73 5-68 

5-58 5‘53 

Calculate the mean 


Pi H 

(per cent.) 

0-054 0-048 

0-0382 0-0342 

molecular weight of the protein. 


Taylor, vol. ii, chap. xx. 

NOTE: Tho principle of this method is the same as that underlying 
Perrin’s evaluation of Avogadro’s number by sedimentation equili¬ 
brium of a colloid suspension. Here Avogadro’s number is assumed 
and the mass of the solute determined. Tho lower mass of tho 
protein (relative to Perrin’s suspended colloid) necessitates tho use 
of a greatly enhanced field of force, which, imlike the gravitational 
field, is not uniform but varies with the distance from the axis of 
rotation. 

Since tho potential energy of the molecules, as derived from tho 
centrifugal acceleration, is calculated in mechanical miits, tho gas 
constant must be expressed in crgs/°K./rnole. 


PROBLEM 10 

Atomic weights and isotopic composition 

Birge, Eev. Mod, Phys,, 1929, 1, 1; Giauque and Johnston, J, Amer, 
Chem, Soc., 1929, 51, 1436; Urey and Teal, Bev, Mod. Phys.y 
1935, 7, 34; Aston, Nature, 1935, 135, 541. 

The most probable value of the atomic weight of hydrogen, 
on the basis O = 16 as derived from a large number of chemi¬ 
cal determinations of atomic weight, is 1*00777±0'00002. 
In 1927 Aston compared the masses of H and 0 in the mass- 
spectrograph and obtained the ratio: l-00778±0-00015:16. 

(i) What inference is to be drawn from these data as to 
the isotopic simpKcity or complexity of the two elements ? 

In 1929 Giauque and Johnston showed from an examina¬ 
tion of absorption spectra that atmospheric oxygen contains 
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atoms of masses 16, 17, and 18 in proportions now believed 
to be approximately 3,150:1:5. 

(ii) What modification does this lead to in the inferences 
drawn in (i) ? Express your conclusion in a quantitative way. 

In 1935 Aston redetermined the H : O ratio in the mass 
spectrogra])!) and obtained the new value of 
1 0081±0-0001:16. 

(iii) ('an this revised value be reconciled with the existence 
of the heavy isotope of hydrogen of mass 2, discovered by 
Urey in 1931, which is present in water to the extent of about 
1 in 6,000 ? 

NOTE: This sequence of data tells the story of the discovery of 
deuterium; the fortunate consequences of tlie error in Aston’s earlier 
determination of the H : O ratio are obvious. The precise relative© 
abundance of the isotopes of oxygen is still a matter of discussion 
(see, for example, Annual Reports of the Chemical Society^ 1934, 31, 
370). 

Because of the large number of significant figures in some of the 
quantities involved, one or two steps in the calculation arc best done 
directly and without the use of logarithms. 

Cf. Problem 74. 
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III. GASEOUS EQUILIBRIA 


PROBLEM 11 

The dissociation of iodine vapour 

Starck and Bodenstein, Z. Elektrochem., 1910, 16, 961. 

A KNOWN weight of iodine was sealed up in a quartz bulb 
and the pressure developed by the vapour at various tem¬ 
peratures was measured with a quartz-fibre manometer. The 
following data were obtained in one of the experiments: 

Amount of iodine = 1*958 millimoles 
Volume of bulb — 249*8 c.c. 

(virtually independent of tempeialiire). 

Temperature Pressure 

('^C.) (mm.) 

800 568*0 

1,000 748*0 

1,200 1,019*2 

Assuming that both molecular and atomic iodine behave as 
ideal gases, calculate (i) in mm. and (ii) in moles per 
litre at each temperature, and hence (iii) an approximate 
value for the heat of dissociation at constant volume at 
1,000° C. 

NOTE: This is a straightforward calculation of the two kinds of 
equilibrium constant together with an application of the van t’Hoff 
isochore. The units in which the equilibrium constants are expressed 
should be clearly stated; unnecessary confusion is liable to arise in 
equilibrium constant calculations unless some convention is con¬ 
sistently applied in selecting reactants or resultantsTor the numerator 
of the constant; in this book the resultants of the reaction vdll be put 
in the numerator. A table of reciprocals is useful in this as in all 
problems involving the isochore or algebraically similar calculations. 
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PROBLEM 12* 


The Deacon equilibrium and the electromotive force 
of the hydrogen-oxygen cell 

Lewis, *7. Anier. Chem. Soc.^ 1906, 28, 1380; Dolezalek, Z. phyaikal, 
Chem., 1898, 26, 321. 

The equilibrium constant of the Deacon process was investi¬ 
gated by passing a mixture of hydrogen chloride and oxygen 
in known proportions into a heated reaction vessel containing 
pumice coated with cupric chloride; equihbrium was attained 
after several hours and a specimen of the equilibrium mix¬ 
ture was transferred to an evacuated vessel, and the ratio 
chlorine/hydrogen chloride was measured by titration with 
potassium iodide and alkaG. A selection of the experimental 
results is tabulated below: 


T 

Pressure in 
reaction vessel 

moles Og 1 moles 0^ 
moles HCl moles HCl 

CC.) 

(atmospheres) 

(initial) 

(final) 

352 

1-00 

0-927 

5-440 

362 

0-93 

0-297 i 

0-495 

386 j 

! 0*98 1 

3-270 

19-700 

380 

0-96 ! 

0-488 j 1-460 


(i) Calculate the mean value of at both 

^ \ PuciPU 

temperatures and hence the heat-content change for the 
reaction in this temperature range. 

(ii) Compare the latter value with that derived from the 
following thermochemical data: 

JHg+iOa = iHgOgas Aff = —28,900 cals. 
JH 2 +iCl 2 = HClgafl Aff = —22,000 cals. 

The E.M.F. oftheceU 

HjCPt) 1 HCl aq. ] 

1 atmos. 6*50 N 1 atmos. 

at 30®C. was found by Dolezalek to be 1‘146 volts; the 
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vapour pressure of water is 31-5 mm. and that of hydrogen 
chloride above its 6-60 N solution is 0-71 mm. at 30®. 

By combining the data of Lewis and Dolezalek calculate: 

(iii) the free energy change of the reaction 

+ i02 = iHjOjiqnia at 30° C.; 

1 atmos, 1 atmos. 

(iv) Kp^= dissociation of water at 30° C.; 

(v) the E.M.F. at 30° C. of the reversible cell (‘Knall- 

gaskette’) j 

1 atmos. liquid 1 atmos. 

NOTE: (i) It is convenient to begin by calculating the algebraic 
relation between a?, the proportion of HCl decomposed, and the 
initial and final oxygen/hydrogen chloride ratios; x may then be 
tabulated for the four experiments. The equilibrium constant 

^H ,0 P cit 
PjL^ Pot 

may be expressed algebraically in terms of Xy the total pressure and 
the initial oxygen/hydrogen chloride ratio and calculated numerically 
for each case. 

(ii) In comparing the thermochemical value for AH with that derived 
from the van t’Hoff isochore, it should be realized that the two results 
relate to different temperatures; to reduce them to the same tempera¬ 
ture would involve a knowledge of the specific heats of the reactants 
and resultants and the application of Kirchhoff’a law. (Cf. Problem 13.) 

(iii) From Dolezalek’s E.M.F. measurement we can calculate the 
net work involved in the reversible formation of hydrogen chloride 
at its partial pressure over a 6*5 N aqueous solution from hydrogen 
and chlorine at one atmosphere. In calculating the free energy 
change of this reaction, it must not be forgotten to reduce the 
result to the standard pressure unit (the atmosphere). This result 
may then be combined additively with the free energy change for 
the Deacon process, calculated from its equilibrium constant at 30° C., 
to give the free energy of formation of water-vapour at one atmo¬ 
sphere. Since the free energy of formation of liquid water is asked 
for, the vapour pressure of water at 30° is provided. 

(iv) Kp for the dissociation of water at 30° C. is directly calculable 
from the free energy of formation at the same temperature by means 
of the van t’Hoff isotherm. 

(v) The E.M.F. of the hydrogen-oxygen cell, which is calculable 
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directly from the free energy of formation of liquid water, is not 
accessible by direct experiment as the oxygen electrode does not 
behave reversibly (cf. Hoar, Proc. Roy. Soc. A, 1933, 142, 628). 


PROBLEM 13* 

The dissociation equilibria of steam and the oxides 

of carbon 

Khead and Wheeler, J. Chem. Soc.^ 1911, 100, 1140; Langmuir, 
J. Amer. Chem. Soc., 1906, 28, 1357. 

Rhead and Wheeler studied the equilibrium 

CO 2 +C ^ 2C() 

by analysing samples of the gas taken from a heated silica 
bulb containing the reaction mixture. The following data 
are taken from their results: 


j Percentage COg 


T vmperatvrc 

Totnl prcasurc \ 

1 in equilibrh 

yx.) 

(atmospheres) \ 

mixtiire 

1,073 

2-57 ' 

26-45 


1-23 

16-12 

1,173 

2*30 

6-92 


0-65 

2-17 

1,323 

209 

0-92 


1-59 

0-71 


(i) Calculate a mean value of for each temperature. 

(ii) Calculate the heat-content change of the reaction at 
IjlTS'^K., and compare the result with that derived from 
the following heats of combustion at 290® K.: 

C+O 2 = CO 2 ; ^H = -94,250 cals. 

CO+i02 == CO 2 ; Ai? = -67,960 cals. 

(iii) From your graph of logjoiip against 1/r, estimate 
at 1,400® K. 

Langmuir measured the dissociation of carbon dioxide at 
atmospheric pressure into carbon monoxide and oxygen at a 
hot platinum wire with the following results: 
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Temperature Percentage dissociation 

m 

1,396 00140 

1,443 0 0260 

1,498 0 0471 

(iv) Calculate Kp at each temperature. 

(v) Calculate the heat-content change of the reaction and 
compare the results with the thermochemical data given 
in (ii). 

(vi) From the graph of logm.K'p against IjT calculate Kp 
at 1,400° K. 

(vii) From the results of (iii) and (vi) calculate the E.M.F. 
at 1,400° K. of the hypothetical fuel cell in which the reaction 

C-l-O^ = COj 

takes place reversibly. 

The molar heats at constant pressure of carbon, oxygen, 
and carbon dioxide are given by the equations: 

C: Cp = l-64-f0-00l7T; 

Oa; Op = 6-50+0-0010T; 

COj: Op = 7-0-f O-OOTIT-O-OOOOOISOT^. 

(viii) Calculate the E.M.F. of the fuel cell at 298° C. 

Using the hot-wire method Langmuir obtained the fol¬ 
lowing results for the dissociation of steam at atmospheric 
pressure: 

Temperature Percentage dissociation 

(OR.) 

1,467 00144 

1,637 00270 

(ix) Calculate for the water-gas equilibrium 

COa+H^ ^ CO+HaO 

at 1,400® K. from Langmuir’s two sets of results. 

NOTE: In calculating equilibrium constants from analytical data 
it often saves confusion to begin by formulating the equilibrium 
constant algebraically in terms of the quantities measured experi¬ 
mentally. In (ii), (iii), and (vi) the variation of heat-content change 
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with tempe^ratiire is ignored, (vii) involves the calculation of the 
experimentally mnnoasurablo equilibrium C-i-Ojj ~ COj from two 
related equilibria accessible to direct ineasuroinent; it further 
illustrates how information from gaseous equilibria enables us to 
calculate tlie E.M .F. of a cell of great potential technical importance; 
for a discussion of ‘fuel cells* see A. J. Allmand and H. T. Ellingham, 
Applied Electrochemistry (London, 1924), chap, xiii, or G. Grube, 
Orundziige der Elektrochemie (Leipzig, 1929), chap. iii. In (viii) the 
variation of free energy cliange with temperature must be calculated 
in the more rigorous manner which takes into account the variation 
of heat-content change wuth temperature (cf. Butler, vol. ii, chap, ii); 
this involves the calculation of the integration constant of the van 
t*Hoff isochore, with whose a priori evaluation the Nenist Heat 
Theorem concerns itself. 


PROBLEM 14* 

Gaseous equilibria from free energy tables 

International Critical Tables, vol. vii. 

The free energies of formation of carbon monoxide and phos¬ 
gene from their elements in the standard state of 1 atmo¬ 
sphere pressure and 298''K. are -~32-51 and —48*77 kcals. 
respectively. 

(i) Calculate the equilibrium constant at 298''K. 

Vco 

The following equations for the free energj’' of formation 
of nitric oxide and ammonia from their elements are based 
on the absolute temperature scale and the standard pressure 
of 1 atmosphere: 

AJPno = 21,600-2*507 cals. 

== -9,500+4*9671117+0*00057572_ 

-0*0000U0857»-9*617 cals. 

Calculate: 

(ii) the percentage of oxygen conv^erted to nitric oxide at 
equilibrium starting with air (say, 20 i)er cent. Oo) at 
1 atmosphere and 800° K. and 2,300° K. res])ertively; 
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(iii) the percentage ammonia formation in the nitrogen- 
hydrogen mixture (in stoichiometric proportions) at 
500® K. and 1 atmosphere and at 800® K. and 200 
atmospheres (neglecting deviations from the gas laws). 

NOTE: The coneisest expro.srfiou of our knowlodgt* coneerriing a 
gaseous equilibrium is an equation exprossiug tl)e free»!i)ergy change 
as a function of temperature; many such equations are to bo found 
in vol. vii of the Intcrnatiojial Critical Tables, From such an equation 
the equilibrium constant at any temperature is readily calculated. 

Two such equations are given relating to two important indu.strial 
syntheses. The simplicity of the equation for nitric oxide aristis fron^ 
the fact that the specific heats of nitrogen, oxygen, anil nitric oxide 
are identical over a wide t('mj)orature range so that the heat of 
reaction is independent of the temperature. 

Having evaluated Kp at both temperatures it is necessary to 
work out the algebraic relation between and x, the percentage 
conversion. (In this respect the operation is the^ converse of that in 
Problems 12 and 13 where it was necessary to evaluate Kp from x,) 
This algebraic relation is simpler for nitric oxide since the conversion 
is so small, oven at the highest temperatures, that the partial pressures 
of nitrogen and oxygen may be regarded as inappreciably diminished 
by the reaction; values of 0*8 and 0*2 atmosphere respectively may 
be used for the partial pressures of nitrogen and oxygen. In the case 
of the ammonia synthesis Kp will be found to be related to the 
percentage conversion, by a quadratic equation, which must— 
unhappily—be solved. Thi.s quadratic equation becomes a cubic if 
the pressure change during reaction is taken into account. 

At 200 atmospheres the ileviations from the gas law would in 
practice be of significance (.see, for example, Gillespie and Beattie, 
J, Amer. Chem, Sov,, 1930, 52, 4239). 
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PROBLEM 16 


The thermodynamic jeasibility of various syntheses 
by the Nernst approximation formula 

Pollitzer, Die Berechnung ckemiacher Affinitdten naeh dem 
Nematachen Warmetheorem (Stuttgart, 1912). 

Conventional chemical constants: 

H, = 1-6 Nj = 2-6 NHs = 3-3 CO = 3-5 CgHj = 3-2 

0, = 2-8 NO = 3-5 HjO = 3-6 COj = 3-2 CgHj = 3-0 

H.COOH = 33. 

N 2 +O 2 = 2NO; AH = +43-2 kcals. 

N 2 + 3 H 2 = 2 NH 3 ; AH = —24-2 kcals. 

(i) Examine the thermodynamic feasibility of these two 
syntheses at 500° K. and at 2,600° K. by calculating Kp 
according to the Nernst approximation formula. 


2 C+H 2 = C 2 Ha; AH = -{-54‘4 kcals. 

6C+3Ha = CgHagas; AH =+17-1 kcals. 
Determine similarly: 

(ii) the possibility of preparing either acetylene or benzene 
by passing hydrogen over coal at 300° K< and at 
2 , 000 ° K. ; 

(iii) the relative stability of acetylene and benzene in equi¬ 
librium with one another at 300° K. and 2,000° K. 


CO-f-HaO = H.COOHp,,; AH = -9*3 kcals. 

(iv) Is it thermodynamically practicable to synthesize 
formic acid by this reaction and, if so, under what con¬ 
ditions ? 
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2Hj+0, = 2HjOpis: Aff == -116-2 kcak. 

C+O 2 = COj; AjH = -94-3 kcals. 

(v) Estimate the E.M.F. at 25° C. of the hydrogen-oxygen 
cell (taking the vapour pressure of water at 26° C. as 0-03 
atmosphere) and of the hypothetical fuel cell in which carbon 
is reversibly oxidized to COj. (Cf. Problems 12 (v) and 13 
(vu).) 

NOTE I The Nemst approximation formula is 

_ KTJ 

logic= jgijy + 2 v l-75logio T+'^vc, 

where AH is the heat-content change at room temperature (replacing 
AH at absolute zero in the exact formula)* 2 I'^Slogjo T signifies 
l*761ogioT X (no. of resultant molecules — no. of reactant molecules) 
and replaces the much more elaborate specific heat terms of the 
exact formula, 2 signifies the summed ‘ conventional chemical 
constants’ of the resultants minus those of the reactants; these latter 
have not been calculated a priori from vapour-pressure measurements 
but empirically from various gaseous equilibria already measured. 

This semi-empirical equation which is thoroughly discussed in 
PoUitzer’s book (cf. W. Nernst, The New Heat Theorem>(tT, G. Barr; 
London, 1926)) gives valuable semi-quantitative predictions of the 
position of experimentally unmeasured gaseous equilibria, (Cf. 
Problem 18.) It should be realized that the success of the calcula¬ 
tions is to be attributed very largely to the skill originally exercised 
in the somewhat arbitrary choice of values for the chemical constants. 
The equation is most effective in reactions where there is no change 
in the number of molecules. The conventional chemical constants 
of solid reactcmts are set equal to zero. 


PROBLEM 16 

The entropy of methanol and the free energy of its 
* formation from its elements 

Kelley, J, Amer, Chem. Soc,, 1929, 51, 180. 

The following table gives the molar heat capacity at constant 
pressure of methanol between liquid hydrogen temperature 
and room temperature. 
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T CK.) 

Op (cals.lmole) 

18*80 

1*109 

27*25 

2*292 

48*07 

5*404 

77*61 

8*736 

118*79 

11*64 

163*98 

14*12 

167*46 

283*4 

164*14 

11*29 

167*65 

11*68 

181*09 

16*77 

221*69 

17*08 

235*84 

17*41 

267*01 

18*13 

292 01 

19*11 


The transition in the neighbourhood of 157° K. is a gradual 
one; 157*4° K. may be taken as the mean temperature of 
transition; separate experiments showed that the heat of this 
transition is 154*3 cals./mole and that the latent heat of 
fusion at 175*2° K. is 757 cals./mole. 

(i) Evaluate graphically the entropy of liquid methanol at 
298° K. 

The heat of combustion of liquid methanol at 298° K. is 
173*61 kcals. and those of graphite and hydrogen at the same 
temperature are 94*27 kcals./gram-atom and 68*32 kcals./ 
mole respectively. The entropies of graphite, hydrogen, and 
oxygen at 298° K. are 1*3 entropy units per gram-atom 
and 31*25 and 48*9 entropy units per mole respectively. 

Calculate: (ii) the heat of formation, (iii) the free energy 
of formation, of liquid methanol at 298° K. from graphite, 
gaseous hydrogen and oxygen. 

Butler, vol. ii, chap. iii. 

NOTE : The entropy is evaluated graphically by the usual Cp-logj^ T 
plot; the area under the curve is most easily determined by cutting 
out and weighing. 

The free energy of formation of methanol is readily calculated from 
the heat-content change and the entropy of methanol and its con¬ 
stituent elements with the aid of the third law of thermodynamics. 
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PROBLEM 17 


The methanol synthesis equilibrium from 
entropy data 

Kelley, J, Ind, dh Eng. Chem., 1929, 21, 363; International Critical 

Tablesy voL v. 

Feom the following dai^a determine the thermodynamic 
feasibility of the synthesis of methanol from carbon mon¬ 
oxide and hydrogen at 25° C. 

Entropies at 25'^ C. 

Carbon monoxide 45-9 entropy units/molc 
Hydrogen 31-25 „ „ 

Liquid methanol 30-3 „ ,, 

Heats of combustion at 26° C. 

C0 + i 02 =C 02 ; AH ^67-96 kcals. 

-1-^02 - K 2 ^iiquid» ““ —68*32 kcals. 

CH 30 H„,^i,i-M 02 - ( O, : ah -173-61 kcals. 

NOTE: This illustrates the value of purely calorimetric data in 
estimating the thermodynamic feasibility of an important industrial 
gas reaction. The importance of the compilation of extensive tablets 
of entropies and heats of formation of organic compounds will be 
realized. (Cf. G. 8. Parks and H. jVI. Huffman, The Free Energies of 
some Organic Compounds (New York, 1932).) 
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PROBLEM 18 


Thermal ionization in the sun calculated from the 
Nernat approximation formula 

Saha, PhiL Mag., 1920, 40, 472. 

For an equilibrium involving only monatomic gases 
(Cp = |J?) the heat theorem leads to the following 
approximate equation: 

= ^7^2 f + 2 ^ T+'^vC. 


By assuming that free electrons can be treated as constituting 
a monatomic gas and that the chemical constant of ‘electron 
gas’ can be calculated (in terms of the C.G.S. unit of pres¬ 
sure) from the Sackur-Tetrode-Stem equation: 


{2nM)^k^ 
o — logxo ^1^-3 » 


where M is the atomic weight, N the Avogadro number, 
h Planck’s constant, and k the Boltzmann gas constant, the 
thermal ionization of a metal vapour under various condi¬ 
tions of temperature and pressure may be calculated. 

The ionization potential of calcium is 6*08 volts and the 
mass of the electron is 1/1,847 that of the hydrogen atom. 
Estimate the percentage (first-stage) ionization of calcium at 
a point in the solar photosphere where the pressure is 10-^ 
atmosphere and the temperature is 6,000*^ K. 


(Cf. Eggert, Physikal. Z,, 1919, 20, 570; Fowler and Milno, Monthly 
Notices of the Royal Astronom. Soc., 1923, 83, 403.) 

NOTE: Calculations such as this combined with inferences from 
solar spectra as to the stage of ionization of atoms in the sim have 
led to important conclusions regarding the temperature and consti- 
tution of the sim (see, for example, Fowler and Milne quoted above). 

Note that the chemical constant has the form of logio(pres8ure). 
As h and k sure expressed in erg-seconds and ergs respectively, the 
resulting pressure will be in dynes/cm.®; to convert C into atmosphere 
units, we must subtract log^o 10®. It is hardly necessary to add that 
the calculation treats the chemical constants of Ca and Ca+ as 
identical. (Cf. Problem 16.) 
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IV. HETEROGENEOUS EQUILIBRIA 


PROBLEM 19 

The thermal analysis of antimony-gold alloys 

Vogel, Z. anorg. Cketn.y 1906, 50, 145. 

The results of the thermal analysis of mixtures of gold and 
antimony are tabulated below. The first column gives the 
atomic percentage of antimony in the alloy; the second 
column gives the temperature at which solid begins to 
separate; the third column gives the temperature of the 
invariant equilibrium (i.e. of the horizontal part of the cool¬ 
ing curve); and the fourth column gives the duration in 
seconds of this latter period of temperature arrest. 


Atomic 

percentage 

Sb 

First separation 
of solid 

CG.) 

Invariant 

equilibrium 

rc,) 

j Temperature 

1 arrest 

1 (sec.) 

0 

1,064 

1,064 

110 

1612 

728 

360 

160 

2206 

581 

361 

220 

28-61 

472 

360 

310 

34*83 

357 

357 

310 

40-73 

396 i 

360 

i 230 

61-66 ! 

443 

360 

80 

66-74 I 

466 

360 

1 40 

61*68 1 

458 

359 

j 10 

66-21 1 

460 

460 

380 

70-64 ' 

494 

460 

280 

86-61 i 

680 

460 

j 60 

100 

631 

631 

300 


(i) Construct the phase-rule diagram for the system, show¬ 
ing the temperature-arrest-time curve on the same graph. 

(ii) What intermetallic compounds are formed ? 

(iii) Label the areas into which the diagram may be 
divided. 

NOTE ; The data in this problem relate to an unusually simple alloy 
system; for information regarding the thermal analysis of more 
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complicated systems sec W. Rosenhain, Physical Metallurgy (London» 
1935), chaps, v and vi, or D. M. Liddell and G. E. Doan, Principles 
of Metallurgy (New York, 1931), chap. xvi. 

PROBLEM 20 

The system beryllium sulphate—potassium 
sulphate—water 

Britton and Allmand, J, Chem. Soc., 1921, 119, 1463. 

The equilibrium of the above system (including any double 
salts formed) at 25° C. was investigated by dissolving in 
water above 25° C. weighed quantities of the two sulphates 
in varying relative amounts; the solution was allowed to cool 
down to 25° C. and stirred at that temperature for several 
days. After allowing the solid phase to settle, portions of the 
clear supernatant liquid and of the wet solid were separately 
analysed with the following results: 


Saturated liquid phase | Wet residue 


Composition of 
100 gm. of 
solute 

K2SO4 BeS04 

i Grammes of \ 
1 water | 

1 associated 
with 100 gm, 
of solute 

Composition of 
100 gm. of an¬ 
hydrous salts 

K2SO4 ( BeS04 

Grammes of 
water per 
100 gm. of an¬ 
hydrous salt 

100 i 

0 i 

830 ' 


1 


80 

20 

.'ioO . 

97*9 

i 2-1 I 

in 

72 

28 

438 i 

94-6 

1 5*4 

84 

62-8 

37 2 

241 1 

69*7 

i 30-3 

38 

62-3 

37 7 

I 251 1 

62-4 

37-0 

17 

.56-7 

43*3 

I 385 1 

61*8 

.38-2 

42 

30-8 

09-2 1 

1 402 1 

60-9 

39-1 

40 

16*2 1 

83-8 ! 

! 249 

56*4 

43-6 

43 

15-2 1 

84*8 1 

! 218 

38-3 

61-7 

83 

9*8 i 

90*2 1 

! 220 i 

1*8 j 

98-2 

93 

6 -r> j 

93*5 

230 

0 1 

100 

68-5 

0 1 

100 i 

1 2.34 

1 

100 

68-5 


Plot the number of grammes of water associated with 
100 gm. of the mixed anhydrous sulphates in the liquid phase 
and in the wet residue respectively against the percentage 
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composition of the mixed anhydrous salts. Deduce the 
nature of the solid phase in equilibrium with the solution 
when varying relative amounts of the two sulphates are 
present. 

Findlay, chap, xv; Taylor, vol. i, chap. ix. 

NOTE : This illustrates the ‘residue * method in which the composition 
of the solid phase may be derived graphically from the composition of 
the saturated solution and that of a corresponding ‘residue ’ consisting 
of the saturated solution mixed with the solid phase; two or more such 
pairs of compositions are needed for each solid phase. The method 
of plotting is often known as the ‘Janecke* rectangular diagram. 


PROBLEM 21 

The system jerric chloride—ammonium 
chloride—water 

Roozeboom, Z. phyaikaL Chem., 1892, 10, 145. 

The equilibrium was investigated at 15° C. by shaking up 
various mixtures of the two salts with water and analysing 
the saturated solution and solid phase respectively for iron 
and for total chloride. The following table gives the com¬ 
position of the solution, expressed as moles of salt per 100 
moles of water, and of the solid phase: 

Solution Solid phase 


NH4C1 

FeClj 

( 


(rnoUa) 

(moles) 


0 

1*09 

9*30) 

9*67) 

[ 

FeCl3,6HjO 

1*36 

9*93>| 



2*79 

6*22 

8*711 
7-651 


(NH4Cl)2,FeCl3,H20 

10*78 

6-2lJ 



7*82 

6*76 

7-29^ 


7*70 

5*03 

4*401 

1 Mixed crystals 

7*76 

3*83 

3*061 

I per cent. FeClj 

9*60 

1-70 

0-94 J 


11*88 

0 


NH4CI 


From these data plot the composition of the saturated 
solution using as abscissae the moles of NH 4 CI per 100 moles 
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of H 2 O and as ordinates the moles of FeClg per 100 moles of 
HgO, and hence deduce: 

(i) the best conditions for getting the double salt; 

(ii) the consequence of evaporating isothermally at 16° C. 
the following solutions: 


FeClg 

NH4CI 

HgO 

(moles) 

(moles) 

(moles) 

8-0 

0 8 

100 

6-0 

60 

100 

20 

60 

100 


Findlay, chap, xv 

NOTE: A convenient feature of this method of plotting a double 
salt equilibrium is that the consequence of evaporating isothermally 
any unsaturated solution is injmediately ascertained by producing 
the line joining the intersection of the two axes to the point corre¬ 
sponding to the solution in question, until it intersects one of the 
solubility lines. 
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PROBLEM 22 


The system sodium carbonate—sodium 
chloride—water 

Freeth, Phil. Trans. Boy. Soc. A, 1922, 223, 36. 

In the course of an exhaustive investigation of the four- 
component system Na^O—COj—H^O—NaCl, the following 
data were obtained at 15° C. and 35° C. for the system 
NajCOa—NaCl—HjO: 


Composition of solution 
{gm. per 100 gm.) 


NUaCOa j 

NaCI 

I HjO 

At 15° C.; 

141 

, , 

! 85-9 

9-9 

8-9 

1 81-2 

8-7 ! 

14-7 

1 7C-6 

9*2 

20-2 

! 70-6 

3-5 

24-0 

' 72-5 

i 

26-3 

73-7 

At ;15° 0.; 

32-9 

. , 

i 67-1 

31-5 

20 

' 66-5 

310 

2-5 

66-5 

30*2 

2-9 

66*9 

25-6 

71 

67-4 

16-8 1 

161 

1 671 

7-4 ! 

21-7 

1 70-9 

40 i 

240 

j 72-0 

1 

26*6 

i 73-4 


Composition of residue 
(gm, per 100 gm,) 


Na^COa 

NaCl 

HjO 

340 

0-8 

65*2 

33-6 i 

1*5 

64-9 

23-4 i 

271 

i 49-5 

0-2 j 

94-6 

S 5-2 


42*3 

' 0-5 1 

57*2 

51-9 

0*8 ' 1 

47-3 

75-6 

' 0'5 

240 

650 

2-5 

32*5 

43-7 

j 32-9 1 

23*4 

10 ^ 

j 88-4 

10-6 

0-8 I 

1 84-5 

14*7 


Construct triangular diagrams from these data, and deter¬ 
mine the nature of the solid phase in equilibrium with the 
various solutions. 

NOTE : The system to which these data relate is of considerable 
technical importance in connexion with the alkali industry. The 
original paper may be consulted for space models and other more 
complicated aspects of the system. The triangular method of repre¬ 
sentation is discussed in detail by Clibbens (The Principles of the 
Phase Theory (London, 1920), chap. ii). 
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PROBLEM 23 


The system lithium oxide—chromium 
trioxide—water 

Schreinemakers, Z. phyaikal. CJiem., 1906, 55, 71. 

The eqiiiKbrium of the lithium chromates with water was 
investigated at 30*^ by shaking various proportions of the 
two oxides with water and analysing the saturated solution 
and the wet solid phase. The following results are expressed 
in percentages by weight: 


Saturated solution 

Residue 

% CrOj 

%Li,0 

%CrO, 

% 

0 

7-09 



6-98 

7*74 

4-32 

18-64 

16-66 

8-88 

10-08 

19-55 

33-61 

12-88 

24-36 

19-39 

37-41 

14-30 

44-55 

17-41 

37-49 

13-31 

61-07 

16-38 

40-28 

10-85 

50-3* 

14-4* 

43-40 

11-80 

53-79 

14-07 

45-13 

9-51 

56-08 

10-19 

47-94 1 

7-95 I 

[ 58-02 

9-23 

57-03 ; 

6-43 

66-66 

8-73 

63-29 

6-00 

68-24 

8-92 

67-81 

6-68 

80-45 

3-78 

63-98 

3-60 

87-83 

Ml 

63-25 

62-28 

2-14 

86-91 

0-75 


(i) Plot the data in the form of a triangular diagram, 
identify the solid phases, and label the areas. 

(ii) Estimate from the diagram the solubility in pure water 
of the chromates of lithium. 

NOTE : This system is typical of a large number where the formation 
of acid or basic salts makes it expedient to select the basic and 
acidic oxides as components. The composition of the residue marked 
with an asterisk was not measured by Schreinemakers; it has been 
calculated so as to define one of the solid phases. The original paper 
explains fully the indirect determination of a solid phase by the 
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method of ‘residues’; it also contains an investigation (and diagram) 
of the more complicated equilibria obtaining in the analogous system 
KjO—CrOj—HjO. 

For examples of more recent studies of ternary system the series 
of papers by A. E. Hill in the Journal of the American Chemical 
Society may be consulted; of these papers that of Hill and Ricci 
(J. Amer. Chem. Soc., 1931, 53, 4305) is characteristic and contains 
a discussion of methods of indirect analysis of the solid phase. 
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PROBLEM 24 


The latent heat of vaporization of lead from 
vapour-pressure data 

Egerton, Proc, Roy- Soc, A, 1923, 103, 469. 

The following values of the vapour pressure of molten lead 
were derived from measurements of the rate of effusion of the 
vapour into a vacuum through a hole of known dimensions: 


Temperature 

Pressure 

m 

(mm.) 

896-4 

5-87 X 10-* 

922-1 

1-64x10-3 

964-6 

4-04x10-3 

1,009-7 

1-05x10-3 

1,046-5 

2-66x10-3 


(i) Calculate the mean latent heat of vaporization of 
molten lead over the temperature range; (ii) set up an em¬ 
pirical equation to represent the vapour pressure of lead over 
the temperature range measiured; and (iii) estimate the 
boiling-point of lead at atmospheric pressure. 

NOTE: The estimate of the boiling-point of lead involves an ex¬ 
trapolation over a wide temperatiu’e range where the latent heat of 
vaporization might vary substantiedly; the closeness of the calculated 
value to that observed experimentaUy is soipething of a coincidence. 
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PROBLEM 25 


The thermodynamic jeasibility of some heterogeneous 
reactions deduced from free energy tables 

Intcmationcd Critical Tables, vol. vii. 
Landolt-Bomstein, vol ii. 

Below are tabulated the free energy of formation at 298° K. 
and the heat of formation at 291° K. of a series of com¬ 
pounds : 


Substance j AFjds j tiff 291 (^caL) 


Zinc oxide 

-76*72 

. 

-85*43 

Carbon monoxide 

-32-51 

-29*00 

Carbon dioxide 

-94*26 

-96*96 

Hydrogen sulphide . 

-7*84 

-2*73 

Silver sulphide. . ' 

-9*53 

-3*33 


The data refer to 1 mole of each substance in the form stable 
at 298° K. and 1 atmosphere pressure. 

From the above data estimate the thermodynamic feasi¬ 
bility of the following reactions at 298° K. and (assuming for 
approximate purposes that LH is independent of tempera¬ 
ture) at 1,000° K.: 

(i) the reduction of zinc oxide by carbon monoxide; 

(ii) the reduction of silver sulphide by hydrogen. 

NOTE: Free energy tables are the concisest expression of oiir 
knowledge of chemical equilibria (cf. Problem 14). Here they are to 
be used to estimate the feasibility of certain reactions at two widely 
different temperatures. Reference to volume vii of the I,C.T, will 
indicate the original sources of the free energy data. The neglect of 
the variation of AH with temperature involves inter alia ignoring the 
latent heat changes associated with any changes of state between 
298° K. and 1,000° K.; the effect of this approximation, not always 
negligible, should be considered. 


4064 
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PROBLEM 26 


The adsorption oj carbon monoxide on mica 

Bawn, J, Amer. Chem. Soe., 1932, 54, 72. 

The following measurements were made of the adsorption of 
carbon monoxide on a mica surface of total area 6,239 cm.^ 
enclosed in a glass vessel at 90° K. and 193° K. respectively. 


Glass vessel only 
{blank experiments) 

Glass vessel and mica 

Volume 


Volume 

1 adsorbed 


adsorbed 

Prcss?trc of (reduced to 

Pressure of 

(reduced to 

(jas c.c. at norjnal 

gas 

c.c. at aimos. 

(cfa,) pressure) 

(Chi.) 

pressure) 


90° K. 


000132 

0-00498 

0-00056 

0-1082 

000344 

0*00797 1 

0-00105 

0-1339 

0-00852 

0-01114 j 

0 00453 

0-1717 

1 


0-00545 1 

0-1769 



0-00791 

0-1889 


1 

0-01059 i 

0-1960 


193° 

K. 


0-00252 ; 

0-00080 ! 

0-00121 

0-00075 

0-00534 ' 

0-00283 

0-00597 j 

0-00624 

0-00829 

0-00434 

0-0138 

0-0150 

0-0120 ! 

0-00553 

0-0225 

0-0229 


(i) Plot the adsorjition isothermals for carbon monoxide 
on mica at both temperatures. 

(ii) Fit the results at 90° K., if possible, to a Langmuir 
adsorption equation and evaluate the constants. 

(iii) Find the percentage of the surface covered at satura¬ 
tion at the lower temperature, taking the diameter of the 
carbon monoxide molecule (derived from viscosity data) as 
3-5 A. 
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Adam, chap, vii; Ridcal, chap, v', 

NOTE: A simple algebraic transformation of the Langimiir adsorp¬ 
tion equation leads to the following relation between the amount 
adsorbed (x) and the pressure (p): 

i-4-^ 
cr ab'^h* 

where a and b are constants whose significance may be ascertained 
by converting the above relation back to the Langmuir equation. 
A graph of p/x against p will test the conformity of the data with the 
Langmuir equation and enable its constants to be evaluated. 

In estimating the percentage of surface covered, the area occuj)ied 
by each molecule may be taken as equal to the square of its diameter. 
Bawn used the diameter taken from the liquid state instead of that 
derived from viscosity data. 
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PROBLEM 27 


The adsorption oj nitrous oxide on charcoal, using 
the ’’sorption balance' 

McBain and Britton, J, Amer, Chem, aSoc., 1930, 52, 2198. 

The adsorption of various gaseS on charcoal was measured 
by means of a ‘ sorption balance ’; this consists of a platinum 
bucket, containing the adsorbent, which is suspended in the 
gas to be adsorbed by means of a silica helix whose increase 
in length records the mass of gas adsorbed. The table below 
relates to nitrous oxide at 20° C.: 

Mass of charcoal ~ 0*1023 gm. 

Sensitivity of helix — 15*25 cm. extension/gm. 

Volume of charcoal and bucket — 0*06087 c.c. 


Pressure of 
nitrous oxide 
(atmospheres) 

Density of gas 
at this pressure 
(gm,.jc.c.) 

Extension of 
helix 
(cm.) 

0*6 

0*000923 

0*237 

40 

0*00758 

0*288 

9*7 

0*0199 

1 0*289 

19*8 

0*0464 

0*279 

380 

0*107 

0*225 


(i) Making the appropriate buoyancy correction, calculate 
the mass of gas (x) adsorbed at each pressure. 

(ii) Compare the results graphically with the Freundlich 

isotherm (x = and the Langmuir equation (x = 

\ l+apj 


Adam, chap, vii; Rideal, chaj). v. 

NOTE: The pressure of nitrous oxide in this research was varied by 
changing tlie temperature of an excess of liquid nitrous oxide, kept 
in the lower part of the adsorption vessel. 

Conformity with the Langmuir equation is conveniently tested 
(cf. Problem 26) by plotting pjx against p. 


( 36 ) 





PROBLEM 28 


An experimental test oj the Gibbs adsorption isotherm 


McBain and Davies, J. Amer. Chem, Soc,, 1927, 49, 2230; Gans and 
Harkins, J, Amer. Chem. Soc, 1930,52, 2289; Edwards, J. Chem. Soc. 

1925, 127, 744. 


(a) 1,420 c.c. of pre-saturated nitrogen, in the form of 1,950 
right-cylindrical bubbles 0*65 cm. in radius, were passed 
through an aqueous solution of para-toluidine at 16^^ C. con¬ 
taining 3-000 gm. per litre. The solution had been examined 


in an interferometer and the difference between its refractive 
index and that of pure water corresponded to 640 micrometer 
divisions per gramme per litre. The hquid from the collapsed 
bubbles was collected and amounted to 38 c.c.; on analysis in 
the interferometer it showed a concentration increase equiva¬ 
lent to 20 micrometer divisions. The bulk of the solution 
through which the bubbles had passed showed a concentration 
drop of 3*5 micrometer divisions. The concentration may be 
taken as varying linearly with the micrometer readings. 

(i) Calculate the excess of toluidine adsorbed at the inter¬ 
face over the bulk concentration of the solution, expressing 
your result in gm./cm.^ 

(ii) Compare the excess concentration with that required for 
a unimolecular layer, assuming that the area occupied by the 
toluidine molecule is approximately equal to the area of the 
benzene ring (23*3 sq. A.) derived from crystal-structure data. 

(iii) Compare the excess concentration with that to be 
deduced by the application of the Gibbs adsorption isotherm 
to the following surface-tension data of Gans and Harkins 


at 20^^ C.: 

Concentration 

{gm.jlitre) 

0 

0-765 

2*118 

2- 936 

3- 596 
5*249 


Surface-tension 
(dynesjcm.) 
72-75 
71-38 
64*57 
60-38 
57*73 
52-35 
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(6) The i*esults of similar experiments with aqueous solu¬ 
tions of amyl alcohol are tabulated below: 


Concentra¬ 
tion of 
solution 
{gm,/litre) \ 

Total 

bubble 

surface 

(cm.*) 

VoL of 
coUapsed 
bubble liquid 

(C.C.) 

Increase in cone, 
of bubble liquid 
(interferometer) 
divisions) 

10 

9600 

44 

5 

2-0 

10600 

44 

10 

30 

10000 

39 

11 

50 

11600 

34 

15 


One interferometer division corresponds to 3*7xl0~® gm./ 
litre. 

The surface-tension data of Edwards for the same solution 
(by a bubble-pressure method) are as follows: 


Concentration 

Surface-tension 

(gm,/litre) 

(dynes/cm.) 

0 

7510 

1*25 

65-38 

2-50 

59-91 

50 

53-14 

100 

44-16 


Plot a graph, showing on the same scale of coordinates 

(iv) the experimentally observed excess concentration; 

(v) the excess concentration calculated from the surface- 
tension data by the Gibbs adsorption isotherm. 

Adam, chap, iii; Rideal, chap. ii. 

NOTE: There is some mistake in the figures given on p. 2239 by 
McBain and Davies; the concentration of the solution is there given 
as 1*000 gm. per litre, while in the table on p. 2242 three times that 
value is given. McBain and Davies use the surface-tension data of 
Edwards; for para-toluidino the later and more accurate data of Gans 
and Harkins are given above. 

Gans and Harkins (J. Fhya. Chem,, 1931, 35, 722) made later 
measurements of the adsorption of para-tolxiidine by a streaming 
bubble method similar to that of McBain €ind Davies. Their results, 
like those of McBain and Davies, pointed to adsorption substantially 
in excess of the predictions of the adsorption isotherm, although 
their adsorption values were somewhat lower than those of their 
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predecessors, and there seemed to be evidence of decreasing adsorption 
with decreasing bubble size. However, adsorption measurements made 
by the microtome method described in the next problem are in much 
closer harmony with the thermodynamic equation. 


PROBLEM 29 

Adsorption at an air-solution interjace measured 
by the microtome method 

McBain and Swain, Proc. Roy. Soc. A, 1936, 154, 608. 

The adsorption at the interface between air and aqueous 
solutions of hydrocinnainic acid was measured by shaving 
off a surface layer about 0-1 mm. thick by a small microtome 
blade moving at a speed of about 35 ft. per second and com¬ 
paring by interferometer the concentration of the solution 
thus collected with that of the bulk of the solution. 

The area of the trough from which the surface film was 
abstracted was 310 sq. cm. One interferometer division 
corresponded to a concentration of 2*25 x 10“® gm. of hydro- 
cinnamic acid per gramme of water. The following results 
are selected from the paper of McBain and Swain: 

Concentration | 


of bulk of 
solution ! 

grn.jlyOOO gm. ^ 
water 

\Veight of 
sviface layer \ 
collected 
\ ig^n.) 

Concentration 

difference 

(interferometer) 

divisions) 

3-987 

1-9 

1 6-3* 


2-6 

4-2* 

1-498 

1-6 

4-2 


1-5 

5-4 


♦ Corrected by blank experiments for a small evaporation error, 

(i) Calculate the surface adsorption in grammes per square 
centimetre for each experiment. 

(ii) Calculate the surface adsorption corresponding to a 
monomolecular layer of vertical molecules with a cross- 
section of 24 sq. A. 
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The following surface-tension data (communicated pri¬ 
vately by the courtesy of Professor McBain) relate to hydro- 
cinnamic acid solutions at approximately the same tempera¬ 
ture, which may be taken as 22° C.: 


Concentration 
gm,lly000 gm. water 
0-5026 
0-9617 

1-5007 

1- 7506 

2- 3615 

3- 0024 

4- 1146 
6-1291 


Surface-tension 
{dynes I cm.) 
68-88 
66-39 
63-63 
61-10 
69-20 
66-06 
52-50 
47-24 


(iii) Plot the graph of surface tension against concentra¬ 
tion, and hence calculate by the approximate form of the 
Gibbs adsorption equation, using concentrations instead of 
activities, the theoretical adsorption at the two concentra¬ 
tions for which experimental adsorption data are given. 


Adam, chap, iii; Rideal, chap. ii. 

NOTE: The adsorption data obtained by, this method of measure¬ 
ment at a static air-solution interface are in much closer harmony 
with the Gibbs adsorption equation than those obtained by the 
stream-of-bubbles method. The reasons for this are as yet little 
understood. 
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V. THERMOCHEMISTKY AND 
MISCELLANEOUS THERMODYNAMICS 

PROBLEM 30 

The heat of formation of some simple inorganic 
substances 

Thomsen, Thermochemiache UrUersuchungen (Leipzig, 1882-6); 
Landolt-Bomstein, vol. ii. 

(i) Heat of formation of anhydrous zinc chloride, 

Zn+2HC1, 20 OH 2 O = ZnCl 2 aq.+H 2 ; AJ? = —36*6 kcals. 

gas“l“iC^2 gas = HClgas; ^H = —22-00 „ 

HCIgaa+aq. = HCl aq.; ^H ^ -17-31 „ 

ZnCla+aq. = ZnClg aq.; AJEf == —15-63 „ 

Calculate the heat of formation of anhydrous zinc chloride 
from its elements. 

(ii) Heat of formation of hydrogen iodide, 

iCl 2 ga 8 +KI aq. = KClaq. +II 2 ; AJ^ = —26*21 kcals, 

^^2 gas'4“i^l2 gas ~ HClgag J AH = 22*00 ,, 

HClgas+aq. = HCl aq.; AH = -17-31 „ 

KOH aq.+HCl aq. = KCl aq. AH = -13-74 „ 

KOH aq.+HI aq. == KI aq. AH == —13-67 ,, 

HIgag+aq. = HI aq. AH = —19-21 ,, 

The heat of solution of iodine in potassium iodide is 
negligible. Calculate the heat of formation of gaseous hydro¬ 
gen iodide from gaseous hydrogen and solid iodine. 

(iii) The heat of formation of aqueous hydrogen peroxide. 
Prom the calorimetric measurements given in (ii) it may 

be calculated that the heat of formation of aqueous hydriodic 
acid from gaseous hydrogen, solid iodine, and water is —13-17 
kcals. From this result and the series of calorimetric de¬ 
terminations listed below, calculate the heat of forma¬ 
tion of aqueous hydrogen peroxide from its elements: 

(41) 
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SnCl2aq.+2HCl aq.+HgOgaq. = SnCl4aq.+2H20; 

== -88-82 kcals. 

SnClgaq.+HCl aq,+HOClaq. = SnCl^aq.+H^O; 

= —75-05 „ 

2HI aq.+HOCl aq. - Ig+HCl aq.+HgO; 

Ai/ =-51-43 „ 

H2gas+ i02ga8 “ HgOnquid 5 ^ ff = —68-38 ,, 

(iv) Heat of formation of dilute sulphuric acid, 

^rhombic “{~^2 gas ” ^^2 gas > ^H — 71*08 kcals. 

SOggas+aq- = SOgaq. Aff = — 7*70 „ 

SO 2 aq* ~}~Cl 2 ga8~f“ 2 H 2 O ” HoSO^ aq,-f-2HC1 aq. j 

= -73-90 „ 

H2ga8+iC)2ga8 ™ H20iiqiii(i; AH == —68-38 ,, 

iCl2gas+iH2ga8 ” HClgas', AH = —22*00 ,, 

HClgas+aq. = HCl aq.; AH = -17*31 „ 

Calculate the heats of formation of dilute sulphuric acid 
from rhombic sulphur, gaseous hydrogen, and oxygen from 
the above calorimetric measurements. 

NOTE: Tliroughout the book a positive sign corresponds to heat 
absorbed. The data in this problem illustrate the multiplicity of ex¬ 
perimental results involved in calculating the heat of formation of 
simple inorganic molecules; an examination of the thermochemical 
section of Landolt-Bdmstein will bear this out. The indirectness (and 
consequent susceptibility to error) of such calculations arises from 
the rarity of reactions witli the speed and irreversibility necessitated 
by normal calorimetric technique. For some thermochemical data 
Thomsen’s early work is still our only source. 

The Thermochemistry of Chemical Substances by F. R. Bichowsky 
and F. D. Rossini (New York, 1936) is a valuable modem critical 
compilation of the ‘best’ values of the heat of formation of all 
available substances other than those containing more than two 
atoms of carbon. It is of interest to note that the values they adopt 
for the substances included in this problem are — 99*56, 6*91, — 46*66 
(H 2 O 2 , IOOH 2 O) and — 211*29 (H 2 SO 4 , IOOH 2 O) kcals. respectively. 
A short survey of modern thermochemistry by Rossini will be found 
in Chem, Reviews, 1936, 18, 233. For an example of recent develop¬ 
ments in chemical calorimetry see Kistiakowsky et aX, (J, Amer, Chem, 
Soc,, 1936, 57, 65, and later papers in the same series). 
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PROBLEM 31 


The heat oj formation of steam at high temperatures 

Partington and Shilling, The Specific Heats of Gases (London, 1924), 

pp. 204-6. 

The following table gives the molar heat capacities of hydro¬ 
gen, oxygen, and steam at 1 atmosphere pressure in cals./° C.: 


Temperature 

CC.) 

Molar heat capacity 


O 2 

H,0 

100 

6*91 

6-98 

8-85 

400 

712 

7-08 

8-65 

700 i 

7 33 

7-23 

905 

1000 

7-54 

7-44 

989 

1300 

7-76 

7-70 

1M5 

1600 ! 

7-96 

8-02 

12*82 


The heat of formation of liquid water from hydrogen and 
oxygen (each at 1 atmosphere pressure) is —08,380 cals./mole 
at 18® C. The latent heat of vaporization of water at 18® C. 
is 10,540 cals./mole. 

Calculate the heat of formation of steam from hydrogen 
and oxygen at 1 atmosphere pressure and 1,600® C. 

NOTE: In this problem Kirchhoff’s law is applied to the specific heat 
data, critically compiled by Partington and Shilling, in order to 
calculate tho temperature variation of the heat of formation of steam. 

Simple arithmetical averaging of the values of ACp (rather than 
the more laborious process of graphical integration) is adequate in 
the solution of this problem. 
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PROBLEM 32 


The specific heat of salt solutions from the temperature 
coefficient of the heat of solution 

Lipsett, Johnson, and Maass, J, Amer» Chem. Soc,^ 1927, 49, 1940. 

The heat of solution of sodium chloride in water at 20° C. 
and 25° C. was measured in a rotating adiabatic calorimeter. 
The results, calculated by the provisional use of previously 
recorded data for the specific heat of sodium chloride solu¬ 
tions, may be used to calculate the specific heat of these 
solutions with a considerably higher degree of accuracy. 
Selected results are tabulated below: 


Concentration of 
final solution 
{gm. NoCXilOO gm, 
solution) 

Heat of solution per 
mole (cals.) 

20° ( 7 . 1 

25° G. 

300 

+ 1100 i 

+ 974 

1200 

+ 774'6 

+ 700-8 


The specific heats at 22-5° C. of water and solid sodium 
chloride are 0*9993 and 0*208 cals./gm. respectively. 

Calculate the specific heat of 3*0 and 12*0 per cent, aqueous 
solutions of sodium chloride. 

NOTE : The heats of solution recorded above involved the provisional 
use of specific heat data already available; the relative magnitudes are 
such that an error of, say, 0*3 per cent, in these provisional specific 
heats leads to an error of only 0*01 per cent, in the final specific heat 
as calculated by Kirchhoff’s law: it is clear, therefore, that a second 
approximation, if necessary, would lead to specific heat values of very 
high precision. It is, of course, possible to calculate the specific heats 
without the assumption of provisional values (Richards and Rowe, 
J, Amer, Chem, Soc., 1920,42, 1621), but the calculation is laborious. 
The positive sign corresponds to an absorption of heat on solution. 
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PROBLEM 33 


The entropy oj nickel 

Landolt-Bdmstein, Ergdnzungahand, ii (Berlin, 1931), 

Fbom the following specific-heat data for nickel evaluate 
graphically its entropy per gramme-atom at 25 ° C.: 


Temperature 

(°X.) 

1505 

25-20 

47-10 

67-13 

82-11 

133-4 

204-05 

256-5 

283-0 


Specific heat 
(caU.jgm,) 
0-000792 
0-00244 
0-01438 
0-0311 
0-0411 
00728 
00925 
0-1010 
0-1062 


NOTE: A simple exercise in graphical integration (cf. Problem 16); 
the area imder the Cp-logioT curve is most simply determined by 
cutting out and weigliing. 
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PROBLEM 34 


The heat of jormation of silver iodide and the 
entropy of iodine 

T. J. Webb, J. Physical Chem., 1925, 29, 816. 

Pbecipitated silver iodide was dissolved in aqueous solu¬ 
tions of potassium and sodium iodide; the heat evolution per 
mole of silver iodide was 2,281 and 1,784 cals, respectively. 
Finely divided silver was suspended in similar solutions of 
the two alkaline iodides; on adding iodine, the silver was 
rapidly dissolved to form silver iodide. The heat evolution 
per mole of silver iodide formed was 17,220 cals, for the 
potassium iodide solution and 16,802 cals, for the sodium 
iodide solution. 

(i) Calculate the heat of formation of silver iodide from 
its elements at room temperature. 

The free energy of formation at 298® C. of silver iodide, 
evaluated from E.M.F. measurements, is —15,745 cals. The 
entropies at 298® K. of silver and silver iodide are 10*25 cals, 
per gramme-atom and 26*8 cals, per gramme-mole respec¬ 
tively. 

(ii) Combining these data with the result of (i), calculate 
the entropy of solid iodine per gramme-atom at 298® K. and 
compare your result with the calorimetric value of 13*95 
obtained from the specific heat data of Lange (Z. physikaL 
Chem., 1924, 110, 343). 

NOTE: The second part of this problem may be regarded either as 
a method of measuring the entropy of iodine (concerning which there 
was some imcertainty at the time of the original paper) or as a test 
of the third law of thermodynamics upon which this indirect cal¬ 
culation of entropy depends. A discussion of the entropy of iodine 
from a different point of view will be found in. a paper by Giauque 
(J. Amer. Chem. Soc., 1931, 53, 607). 
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PROBLEM 35 


The relation between osmotic pressure and vapour- 
pressure lowering in concentrated solution 

Berkeley,Hartley, and Burton, PhiL Trans.Roy.Soc.A, 1909,209,177. 

The osmotic pressure, vapour-pressure lowering, and density 
of a series of concentrated aqueous solutions of calcium 
ferrocyanide were measured at 0° C. with the following 
results: 


Gm. of salt 
per 1,000 gm. 

Density 

V.P. solvent 

Osmotic 

pressure 

of water 

A 

V.P. solution 

{atmospheres) 

499-7 

1-3218 

M071 

130-66 

472-2 

1-3086 

1-0917 

112-84 

428-9 

1-2866 

1-0702 

87-09 

395-0 

1-2688 

1-0571 

70-84 

313-9 

1-2234 

1-0332 

41-22 


Calculate from the vapour-pressure lowering of each solu¬ 
tion the corresponding osmotic pressure, taking into account 
the variation of the density of the solution with concentra¬ 
tion but neglecting the compressibility of the solution. 

Cf. O. Sacknr, Thermodynamics and Thermochemistry^ trans. Gibson 
(London, 1917, chap. viii). 

NOTE'.’The concordance of the calculated and observed osmotic 
pressures is a striking verification of the thermodynamic relationship 
between vapour-pressure lowering and osmotic pressure. This rela¬ 
tion is applicable to concentrated solutions, since it is independent of 
all assumptions as to the nature of the relationship between osmotic 
pressure and concentration, although it assumes that the solvent 
vapour obeys the gas laws. The deviations from ideality of the 
solutions measured by Berkeley and his collaborators may be judged 
from the fact that the osmotic pressure is trebled by an increase in 
concentration of about 60 per cent. The equation neglects corrections 
for the compressibility of solvent and solution, but the more com¬ 
plicated equation (quoted in the original paper), which takes these 
into account, is in only slightly better agreement with the experi¬ 
mental results. 


( 47 ) 




PROBLEM 36* 


The calculation of partial molar quantities 

(a) Apparent molar volumes and partial molar volumes in ethyl 
alcohol-vvater mixtures. 

International Critical Tables, vol. iii. 

Below are tabulated the densities of mixtures of ethyl 
alcohol and water at 15° C.: 


Weight percentage 

Density 

of alcohol 

(15/4) 

5 

0-99032 

10 

0-98304 

13 

0-97914 

15 

0-97669 

20 

0-97068 

23 

0-96689 

26 

0-96424 

30 

0-95686 

40 

0-93882 

60 

0-91776 

60 

0-89623 

70 

0-87187 

80 

0-84772 

90 

0-82227 

100 

0-79360 


(i) Calculate the apparent molar volume of alcohol in the 
solutions between 5 and 25 per cent., and hence (by a plot 
of apparent molal volume against the logarithm of the 
molality) the partial molar volume of alcohol in the 13 and 
23 per cent, mixtures. 

(ii) Plot the specific volume of the mixtures against 
their composition and hence deduce, by the method of 
intercepts, the partial molar volume of both components 
in the mixtures containing 15 and 70 per cent, of alcohol 
respectively. 
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(6) Apparent and partial molar heat capacities of lithnim 

chloride in aqueous solution. 

Gucker and Schminke, J. Amer, Chem. Soc., 1932, 54, 1358. 

Below are tabulated the specific heats of aqueous solutions 
of lithium chloride at 25° C., measured with the aid of a twin 
calorimeter: 

Concentration (moles of Specific heat 
salt 11^000 gm, water) (2 5^-calorie units) 

00400 0-99763 

0-0625 0-99663 

0-0897 0-99485 

0-1600 0-99110 

0-2504 0-98626 

0-4904 0-97389 

1- 0000 0-94942 

2- 4614 0-88898 

(i) Calculate the apparent molar heat capacity of lithium 
chloride in each solution, and plot your results against the 
square root of the concentration. 

(ii) Estimate the uncertainty introduced into the value of 
this quantity at the lowest and highest concentrations by an 
error in the specific heat of 0*0001. 

(iii) Draw the best straight line through your points, and 
hence deduce an equation for the variation of the apparent 
molar heat capacity with concentration. 

(iv) From this equation deduce an expression for the 
variation with concentration of the partial molar heat capa¬ 
city. 

NOTE: The evaluation of partial molar quantities is part of the 
‘grammar’ of the thermodynamics of solutions and mixtures. 
Although interesting in themselves to relatively few physical chemists, 
partial molar quantities are often the form in which experiniOiital 
data are most susceptible to thermodynamic treatment. Their 
methods of evaluation are discussed in detail by Lewis and Randall, 
chap, iv, and more briefly by Butler, vol. ii, chap. iv. Young and 
Vogel (J. Amer. Chem. Soc.y 1932,54,3025) have tabulated generalized 
formulae useful in the calculation of partial molar quantities. 

N.B. Five-figure logarithms are necessary for this problem. 
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PROBLEM 37* 


The thermodynamic relations oj grey and white tin 

Bronsted, Z, physikaL Chem,, 1914, 88, 479. 

The transition point between white and grey tin is at 19° C. 
The heat of transformation was determined calorimetrically 
by comparing the heat required to raise equal masses of each 
modification from 0° C. to temperatures between 45° and 
58° C. In the case of white tin the heat corresponded to the 
specific heat of white tin; the corresponding quantity for 
grey tin included the heat of transformation. The average 
of several concordant determinations led to a value of 
532 cals, per gramme-atom for the heat of transformation 
at 0° C. 

The specific heat of the two allotropes was measured be¬ 
tween 80° and 288° K. using the Nernst-Eucken technique 
in which a platinum spiral serves simultaneously as a thermo¬ 
meter as well as a source of heat. The following values are 
selected from their results: 


T CJC) 

Cp (white) 

Cv (grey) 

79-8 

4-64 

3-80 

94-8 

5-07 

4-30 

197-2 

6-23 

5-71 

248-4 

6-36 

6-87 

273-0 

6-39 

6-90 

288-1 

6-40 

6-91 


(i) Compare the difference between the specific heats with 
the following empirical equation devised by BrOnsted: 

= 0-49+3-26x10-«(300-2’)8. 

(ii) With the aid of the empirical equation, the heat of 
transformation at 0° C., and Kirchhoff’s equation, derive an 
expression for the heat of transformation at constant pres¬ 
sure between 80° and 292° K. 

(iii) With the aid of the Gibbs-Helmholtz equation derive 
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an expression for the free energy change between the same 
temperatures, 

(iv) Plot the course of LH and A-P between 80® and 292® K. 

NOTE: The measurements of Brdnsted given in this problem are 
taken from a comprehensive study of the thermodynamics of a very 
simple condensed system. The problem involves the expression of 
heat content and free energy changes in the form of expansions 
in ascending powers of T. Part (iii) necessitates the evaluation 
of the integration constant of the Gibbs-Helmholz equation (cf. 
Problem 13.) 


PROBLEM 38 


The heat capacity oj lead compared with the 
Einstein equation 

International Critical Tables^ vol. v (cf. K. Jellinek, Physikalischc 
Chemie, Band ii, p. 247 et seq. (Stuttgart, 1928)). 

The atomic heat of lead at constant volume over a range of 
temperatures is given below: 


Temperature 

CK) 


20 

2*64 

30 

3-96 

40 

4-73 

70 

5'51 

160 

6-81 

300 

6-90 


(i) Compare these data with the predictions of the Einstein 
specific-heat equation, taking the characteristic temperature 
of lead as 67® K. 

(ii) On the basis of the same equation, calculate the pro¬ 
portion of lead atoms having 0, 1, 2, and 5 quanta of vibra¬ 
tional energy at 67®, 335®, and 536® K. respectively. 


Taylor, vol. ii, chap, xvii; Lewis, vol. iii, chap. iii. 

NOTE: The atomic heat at constant volume wais calculated from 
the experimental data at constant pressure (given in the /.O.T.) by 
means of the empirical equation 

3-44C=T 


c,-c, = 


10 * 
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The comparison between experiment and theory is conveniently 
made on a (7,,~logio T graph; some arithmetical labour is saved by 
calculating the theoretical values at simple fractions or multiples 
of the characteristic temperature such as ^/6, ^/3, d, 26, Qd, 
However, on p. 702 of the first Ergdnzungsband of Landolt-Bdrnstoin 
(Berlin, 1927) will be found values for the Einstein specific-heat 
function for an extensive series of values of d/T, which eliminate all 
the aritlimetic. In Taylor the characteristic temperature is defined 
in such a way that its value becomes 1/2-98 times the value quoted in 
the problem. 

The Einstein equation shows appreciable deviations from the 
experimental heat capacity, which are particularly marked at very 
low temperatures. The more complicated Debye equation, which 
postulates a range of vibration frequencies, represents the facts 
much more exactly; the equation is somewhat cumbersome, and 
is commonly used with the aid of tables such as will be found on 
p. 705 of the first Ergdnzungaband. 
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PROBLEM 39 


The Einstein equation applied to the specific heat 
oj chlorine 

Eucken and Hofmann, Z. physikal. Chem. B, 1929, 5, 442. 

From spectroscopic data the fundamental frequency of the 
chlorine molecule is found to correspond to a wave number 
of 565 reciprocal centimetres. 

(i) With the aid of the Einstein equation calculate the 
vibrational contribution to the molar heat capacity of 
chlorine at 270° and 452° K. 

(ii) The experimentally observed molar heat capacity at 
atmospheric pressure at these two temperatures is 7*927 and 
8*503 cals./mole respectively. What inferences may be drawn 
from a comparison of these values with the result of (i) ? 

(iii) What percentage of chlorine molecules will be witli- 
out vibrational energy at 298° K. ? 


Eucken, Jette, and La Mer; sections 73-5. 

NOTE: A diatomic gas molecule constitutes a harmonic oscillator 
relatively free from disturbing effect, and the Einstein equation may 
therefore be expected to account for the vibrational specific heat 
with fair precision. In such cases, too, the fundamental frequency 
is known with considerable accuracy from spectroscopic data. 

The rotational energy may be regarded as ‘classical* at the 
temperatures of the problem. See the comment on the preceding 
problem regarding tables of the Einstein function. 

The percentage of molecules without vibrational energy at room 
temperature is significant from the point of view of absorption 
spectra. The half-quantum of zero-point energy is of course always 
present. 
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PROBLEM 40 


The electron affinity oj iodine by the '‘Born cycle' 

Mayer, Z, Physik, 1930, 61 , 798. 

From the conductivity of the vapours of potassium and 
caesium iodide respectively over the temperature range 900° 
to 1,100° K., Mayer calculated the partial pressure of ions 
in the vapours. By the application of the isochore to these 
results he found the average value of the heats of dissociation 
of the vapours into ions to be 104*6 and 94*8 kcals. re¬ 
spectively. 

Below are tabulated further energy data: 



Potassium 

Caesium 

Heat of sublimation of alkali metal (per 



gramme-atom) .... 

21-7 

19*1 kcals. 

Ionization potential of alkali metal 

Heat of dissociation of iodine vapour 

4*32 volts 

3*88 volts 

(per mole) . . . . . , 

Heat of formation of iodide from its I 

; 35*4 kcals. 

i 

elements (all in the solid state) . j 

— 78*9 kcals. 

! —83*9 kcals. 

Heat of sublimation of iodide 

42*5 „ 

40-5 „ 

Heat of sublimation of iodine (per mole) j 

14*9 kcals. 


Calculate: 


(i) the electron affinity of iodine (as derived from each 
iodide); 

(ii) the lattice energy of the two crystalline iodides and 
compare the values with those calculated in terms of 
electrostatic forces by the Bom theory, viz. 148 kcals. 
for KI and 135 kcals. for Csl. 

Taylor, vol. i, chap, vi; Eggert, p. 373; Eucken, Jette, and La Mer, 
sections 361~3. 

NOTE ; This problem involves the application of Hess’s law tc less 
familiar thermal quantities commonly known as the ‘Bom cycle*. 
The electron affinity of iodine is the usual term for the energy libe¬ 
rated when an iodine atom picks up an electron. 

The above energy data relate to various temperatures, but the 
corrections involved in reduction to 0® K. do not exceed 1 or 2 kcals. 
and may be neglected in an approximate calculation. 
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VI. CONDUCTIVITY OF SOLUTIONS 
AND TRANSPORT NUMBERS 


PROBLEM 41 


The conductivity oj trimethyl tin chloride in 
ethyl alcohol 

Kraus and Callis, J. Ainer. Chem. Soc., 1923, 45, 2624. 

The specific conductivity of solutions of (CH 3 ) 3 SnCl in ethyl 
alcohol at 25° C. are tabulated below: 


Concentration 
(moles j litre x 10®) 
01566 
0-2600 
0-6219 
1-0441 


Sped ft c conductivity 
(mhos X 10’) 
17-88 
24-18 
40-09 
53-36 


Evaluate grapfiicMlly Aq (the equivalent conductivity at 
infinite dilution) and the dissociation constant of the salt. 


NOTE', If 1/Ac is plotted against Cx A<., both A^ and K can be cal¬ 
culated from the two intercepts or, alternat iv-(4y, from the slope and 
one of the intercepts. In evaluating K a little care is necessary with 
the powers of ten. 


PROBLEM 42 


A test oj the Onsager equation jor aqueous 
sodium chloride 


Shedlovsky, J, Ainer, Chem, Soc,y 1932, 54, 1411. 

One of the most rigorous tests of the Onsager equation in 
aqueous solution was made by Shedlovsky, who measured 
the conductivity of a series of uni-univalent electrolytes in 
water at 25® C. The following table is taken from his results 
for sodium chloride: 


Concentration 
(equivalentsjlitrc) X 10* 

0-59441 

4-2677 

13-448 

21-253 

31-862 


Equivalent 
conductivity (A^) 
125-79 
124-58 
123-31 
122-51 
121-70 
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(i) Find Aq and the slope dAJd^Ic graphically. 

(ii) Evaluate Aq with the aid of Shedlovsky’s empirical 
extension of the Onsager equation. 

(iii) Compare the observed slope with that predicted by 
the Onsager equation, which for 1-1 electrolytes in water 
at 25° C. is: 

= Ao-(0-2274Ao+59*79)Vc. 


NOTE: The empirical extension of the Onsager equation by Shed- 
lovsky {J. Amer, Chem, Soc, 1932, 54, 1405) has the form 

^0 - - 


-— Be, 


and is df value both in calculating Aq from conductivity data which 
do not extend to extreme dilutions and in revealing the abnormality 
of certain salts (such as the nitrates). For an account of recent 
empirical developments of the equation relating equivalent con¬ 
ductivity and concentration see Jones and Bickford (J, Amer, 
Chem, Soc,, 1934, 56, 602). 

An examination of the graph in Shedlovsky’s paper will show that 
his experiments offer more substantial confirmation of the Onsager 
equation as a limiting law than is suggested by the necessarily 
limited selection of his data incorporated in this problem. 
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PROBLEM 43 


The conductivity of salts in solvents of low 
dielectric constant 

Walden, Z. physikaL Chem. A, 1930, 148, 45. 

Examine the conformity of the two electrolytes below with 
the Ostwald dilution law: 

Lithium bromide in acetophenone {D ^ 181) at 25° C. 
Dilution (litres) . . 2,093 5,255 8,250 17,700 

Equivalent conductivity . 14-33 19-41 22-19 26-20 

Tctraethylammonium picrato in chloroform (D — 4-95) at 25° C. 
Dilution (litres) . . 5,852 24,140 49,620 95,520 

Equivalent conductivity . 0*424 0*936 1-628 2*213 

In the second case Aq may be evaluated from Walden's 
rule, taking the viscosity of chloroform as 0-00538 and the 
Aq-t] product for tetraethylammonium picrate as 0-563. 

NOTE: In the case of the first electrolyte the graphical method of 
Problem 41 may be used. For the second electrolyte the conducti¬ 
vity ratio (and hence the dissociation constant) may be calculated 
for each concentration by means of the Aq value derived from Wal¬ 
den’s rule; it is of interest to compare these values of Aq and K with 
those obtained by the graphical method from the same data. 

The recent work of Fuoss and Kraus on electrolytes in solvents 
of low dielectric constants is of great interest (Fuoss and Kraus, 
J, Amer. Chem, Soc., 1933, 55, 476 and following papers; Dole, 
chap, v; Falkenhagen, chap, xi); it indicates the necessity of taking 
into account higher degrees of ionic association than ion pairs when 
solvents of low dielectric constants are concerned. 


40&4 
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PROBLEM 44 


The conductivity oj silver nitrate in benzonitrile and 
its true degree oj dissociation 
Martin, J. Chem, Soc,, 1928, 3270. 


Below are tabulated the equivalent conductivities of solu¬ 
tions of silver nitrate in benzonitrile at various dilutions at 


25" C.: 


Dilution 
(litres per mole) 


Equivalent 

conductivity 


V = 1/c 

106-8 

611-0 

3,276 

11,680 

41,278 


10-62 

20-67 

34-72 

42-88 

47-28 


(i) Plot the equivalent conductivity against the square 
root of the concentration and compare the result with the 
limiting slope of the Onsager equation, which for 1-1 electro¬ 
lytes in benzonitrile at 25" C. is: 

= Ao-(0-8475Ao+53*]4)V2c. 

(ii) Find the ‘ true ’ degree of dissociation (corrected for the 
variation of ionic mobility with concentration) at v = 11,680 
and compare the result with the conductivity ratio AJAq. 


NOTE: The ‘true* degree of dissociation may be foxmd by a short 
series of successive approximations as described by Davies, chap. vii. 
Alternative methods of measuring the ‘true* degree of dissociation 
are described in Falkenhagen, chap. xi. 
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PROBLEM 45* 


The transport numbers of potassium chloride by a 
modern application of Hittorfs method 

Macinnes and Dole, J, Amer, Chem, Soc., 1931, 53, 1367. 

Potassium chloride was electrolysed in a modern form of 
Hittorf apparatus between a silver anode and a cathode 
of silver coated electrolytically with silver chloride. The 
transport apparatus was in series with two silver coulo- 
meters, and the solutions were analysed potentiometrically 
after electrolysis. The following table gives the results for 
the two extreme concentrations measured: 



I 

II 

Concentration (equivalents/litre) (approxi¬ 
mate) ...... 

0*02 

3*0 

Amperage ...... 

0 002 

0*044 

Voltage applied ..... 

15 

6 

Time of electrolysis (hours) 

23 

16*5 

Wt. of silver in coulometer (gm.) (1) 

0 16024 

2*7760 

»> »» »» ff ff »» (2) 

0 16043 

2*7756 

Wt. of anode portion (gm.) 

117*79 

131*10 

,, ,, cathode ,, . 

12099 

135*30 

Per cent, of KCl in anode portion 

0 10339 

19*205 

„ ,, „ middle portion. 

0*14932 

19*777 

,, ,, middle portion . 

0*14948 


„ „ cathode middle portion 

0*14939 

j 19*775 

„ „ „ portion , 

0*19404 

20*328 


Find (from the data for anolyte or catholyte) the transport 
number of the potassium ion at both concentrations. 

NOTE: The data of this problem are taken from a modem determina¬ 
tion by the classical Hittorf method in an apparatus incorporating 
a number of refinements with a view to obtaining the highest preci¬ 
sion. The method of calculation is quite straightforward (cf. Dole, 
chap. ix). 

N.P. Five-figure logarithms are necessary in this problem. 
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PROBLEM 46* 


The hydration oj ions 

Washburn, J, Amer, Chem. Soc., 1909, 31, 322. 

A CURRENT of about 0*1 ampere was passed through a solu¬ 
tion, containing approximately 1*28 moles of lithium chloride 
and 0*1 mole of raffinose per 1,000 gm. of water, between 
a silver anode and a silver-silver chloride cathode for 13 
hours. After electrolysis the solution was divided into an 
anode portipn, a cathode portion, and three middle portions. 
The polarimetric estimation of raffinose and the gravimetric 
estimation of the halide in the anode, cathode, and one of 
the middle compartments led to the following results (the 
three middle portions being found to be identical in com¬ 
position) : 



Anode 

Middle 

Cathode 

Weight, of portion . 

104-4 gm. 


81-47 gm. 

Per cent, raffinose . 

4-806 

4-730 

4-619 

Per cent, lithium chloride . 

4-440 

4-939 

6-666 


The mean result from the two silver coulometers in series 
with the transport apparatus showed that 0 04643 equiva¬ 
lents of electricity had passed through the solution. 

Calculate either from the anode or the cathode analyses 

(i) the ‘apparent’ transport number of the lithium ion 
(uncorrected for hydration); 

(ii) the ‘true’ transport number of the lithium ion; 

(iii) the net transfer of water (in moles) per equivajent of 
electricity passed; 

(iv) the number of molecules of water attached to each 
lithium ion if the chlorine ion carried x molecules. 

NOTE: The concentration of the solution before electrolysis may 
be taken as equal to that of the middle compartment after electrolysis. 
The calculation of the apparent transport number is carried out as 
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in the preceding problem; the calculations are referred to the same 
mass of (raffinose plus water) before and after electrolysis—that is 
to say both substances are treated as stationary. In calculating the 
true transport number only the raffinose is assumed to be stationary, 
calculations being referred to the same amount of raffinose before 
and after electrolysis. 
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PROBLEM 47 


The transport numbers oj sodium chloride jrom 
moving boundary measurements 

Longsworth, J. Amer. Chem. Soc,, 1932, 54, 2741. 

The following data relate to the measurement of the trans¬ 
port numbers of 0-02 N sodium chloride at 25® C. by the 
moving boundary method, using the highly developed tech¬ 
nique of Macinnes and Longsworth. The anode (placed at 
the bottom of the electrolysis tube) was a cadmium disk 
and the rising boundary between the Cd** and Na’ ions was 
‘ self-adjusting ’ and therefore always sharp; the cathode con¬ 
sisted of silver coated electrolytically with silver chloride. 
The current was kept constant by an automatic device and 
measured by the potential drop across a standard resistance 
in series with the electrolytic ceil. 


Current ..... 
Cross-sectional area of electrolysis 
tube ..... 
Distance traversed by boundary 

(cm.). 

Time (sec.) .... 


0*0016001 ampere 
0*1115 cm.* 

0*0 2*0 7*0 10*0 

0 689 2414 3453 


Calculate the mean transport number of sodium in 0*02 N 
sodium chloride. 


NOTE: For a discussion of the moving boundary method of measur¬ 
ing transport numbers see either Dole, chap, ix, or Macinnes and 
Longsworth, Chem, Reviews, 1932, 11, 171. The original paper of 
Longsworth may be consulted for an account of two small corrections 
(the ‘volume’ and the ‘solvent* correction) which increase the value 
obtained directly from the above data by 0*0006. 

The principal difficulties have been experimental rather than 
theoretical; the method is now susceptible of such precision that the 
results can be compared with the predictions of the inter-ionic 
attraction theory (Dole, chap, x) and can be used in calculating 
activity coefficients (cf. Problem 53). 
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VII. EQUILIBRIA IN SOLUTION 

PROBLEM 48 

Activity coefficients and transport numbers of 
hydrogen chloride in methanol from electromotive 
force measurements 

Nonhebel and Hartley, Phil. Mag., 1926, 50, 729. 

The E.M.F. at 25“ C. of the cell 

I HCl in MeOH | AgCl. Ag 

at various concentrations of hydrogen chloride (expressed in 
moles/litre) is tabulated below: 

c E.M.F. (voUs) 

0 00211 0-3041 

0-004266 0-2712 

0-007749 0-2446 

0-01363 0-2207 

(i) Find by graphical extrapolation the E.M.F. of the cell 
at unit activity of hydrogen chloride 

(ii) Find with the aid of the graph the activity coefficient 
of 0-01 N hydrogen chloride. 

The E.M.F. at 25° C, of the cell 

Ag.AgCllHa in MeOH|Ha in MeOHlAgQ.Ag 

c = 0-01236 c = 0-001002 

with a flowing liquid jimction is 0-0844 volt. 

(iii) Find the transport number of the hydrion in this 
concentration region. 

NOTE: 'Eq' ia conveniently found by plotting the function 
2JJ:=(B+?^lnc) 

against Vc and extrapolating to zero concentration. The interpola¬ 
tion necessary in (iii) to find the E.M.F. of the cells without liquid 
junction at c = 0*01236 and 0*001002 is best carried out on the graph 
used to evaluate iEfo. 

The calculation of transport numbers from the ratio of the electro¬ 
motive force of concentration cells with and without liquid jimctions 
is only approximate where there is a finite concentration difference. 
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A more rigorous treatment, involving the differential of E.M.F. with 
respect to concentration, will be found in the work of Brown and 
Macinnes (J. Amer, Chem. Soc., 1936, 57, 1366) embodied in 
Problem 63, where the E.M.F.S of concentration cells with liquid 
junction are combined with directly measured transport numbers 
to calculate activity coefficients, thus reversing (and refining) the 
procedure of the present problem. 


PROBLEM 49 

Activity coefficients oj concentrated aqueous hydro¬ 
chloric acid solutions from vapour-pressure 
measurements 

Bates and Kirschmann, J. Amer. Chem. Soc., 1919, 41, 1991; 
Linhart, ibid., 1917, 39, 2601. 

The partial pressure of hydrogen chloride over its aqueous 
solutions at 25® C. was measured by Bates and Kirschmann 
by passing a large volume (between 50 and 200 litres) of air 
successively: 

(а) over the hydrochloric acid solution, 

(б) through dilute caustic soda (to absorb the acid), 

(c) over pure water, 

(d) through a series of U-tubes containing calcium chloride 
and sulphuric acid respectively (to absorb the water). 

The following table gives the results obtained: 


Concentration 
of hydrochloric , 
acid 

(molesjlitre) 

Equivalents of 
halide absorbed 
in caustic soda 
XlO® 

Weight of 
water absorbed 
in U-tubes 
(gm,) 

Partial pressure 
of water above 
the solution 
{mm.) 

3021 

0 0621 

2-870 

19-8 

4-670 

0-3118 

2-416 

16-8 

6-669 

0-7552 

1-896 

14-7 

7-646 

4-920 

1-176 

11-0 

8-266 

9-116 

0-961 

9-6 


The fourth column is interpolated from measurements by 
Linhart. The vapour pressure of water at 25® C. is 23-76 mm. 


(i) Calculate the partial pressure of hydrogen chloride over 
the solutions and plot the results against the concentration. 
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(ii) From E.M.F. data the mean activity of the ions in 5 N 
hydrochloric acid is 12-55. Calculate the mean activity of the 
ions in hydrochloric acid in the least and most concentrated 
of the solutions whose vapour pressure was measured. 

NOTE: In calculating the partial pressure of hydrogen chloride 
allowance must be made for the expansion of the air on passing from 
the acid saturator to the water saturator owing to the fact that the 
vapour pressure of pure water is greater than the sum of the partial 
pressures of HCl and HjO over the acid solution, while the total 
pressure in the apparatus always remains atmospheric. This correc¬ 
tion, which is discussed by Bates and Kirschmann, is conveniently 
made by first calculating the partial pressure of HCl, neglecting 
Phci iu the expansion term; this first approximation may then be 
used in a corrected expression to obtain a second approximation to 
the partial pressure. The second approximation differs from the first 
appreciably at the two highest concentrations only. 

The form of the vapour-pressure-concentration curve is interesting 
in the extremely low concentration of hydrogen chloride molecules 
which it suggests at stoicheiometric concentrations below 5 N 
(cf. Problem 64). 

In the second part of the problem it is necessary to interpolate the 
partial pressure of HCl at 5 N; for this purpose a (“log p graph i' 
convenient. The mean activity of the ions obtained in the most 
concentrated solution illustrates the impracticability of explaining 
the free energy data of hydrochloric acid solutions in terms of the 
Arrhenius theory. 
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PROBLEM 60* 


Activity coefficients of aqueous hydrochloric acid 
solutions from electromotive force measurements 

Hamed and Ehlers, J. Amer. Chem. Soc., 1032, 54, 1350; Hamed 
and Ehlere, ibid., 1033, 55, 2170. 

Habited and Ehlers made a series of measurements of the 
E.M.F. of the cell 

HalHQ aq.lAgCl.Ag 

over a wide range of temperatures and conpentrations. The 
table below is selected from their results at 20® C. 



Molality 

Electromotive force 


(m) 

{E) 

Series I 

0003661 

0-51200 


0006314 

0-49396 


0008716 

0-46987 


0013407 

0-44899 


0021028 

0-42726 

Series II 

0-10266 

0-36211 


0-48968 

0-27635 


1-2046 

0-22432 


2-3802 

0-17662 


2-9566 

0-16646 


4-0875 

0-12307 


(i) From the data of Series I plot the function 

2-303 logiom-^2-303mij 

against the molality, and by extrapolation to zero molality 
find the value of the E.M.F. of the cell at unit activity 
{E,). 

(ii) Deduce from the graph the activity coefficient in 
M/100 solution. 

(iii) From the slope of the graph deduce the value of the 
constant b in the equation 

logioV “ —0-50m*+6m. 

(iv) From Eg and the data of Series II calculate the activity 
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coefficient of the solutions measured, and hence sketch a 
rough graph of the variation of the activity coefficient with 
the square root of the molality. 

NOTE: The data of this problem are probably more accurate and 
relate to a wider concentration range than those of Problem 48; 
the concentrations are expressed in terms of 1,000 gm. of solvent 
instead of 1 litre of solution. The method of extrapolation suggested 
in (i) is based on the equation for the variation of activity coefficient 
with concentration in dilute solution: 

logioy = — 0*60m*-f 6m, 

where 0*60 is the constant of the limiting Debye-Huckel equation 
and 6 is an empirical constant. When this equation is combined with 
the thermodynamic equation 

2RT 

Eq—E = —^ 2*303 logioyw, 

the reason for the form of the extrapolation function will be realized. 
This method of extrapolation places less reliance on the results 
obtained in very dilute solution than the method used in Problem 48. 
The graph obtained in (iv) illustrates the characteristic variation of 
the activity coefficient of a strong electrolyte over a wide concentra¬ 
tion range. In the second of the two papers quoted will be found 
the derivation of a variety of thermodynamic properties of hydro¬ 
chloric acid solutions from E.M.F. data. 
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PROBLEM 51 


Activity coefficients oj cobaltammine salts from 
solubility measurements 

Bronsted and La Mer, J. Amer, Chem. Soc.^ 1924, 46, 555. 

The Debye-Hiickel theory of strong electrolytes was tested 
by measuring the solubility at 15® C. of complex cobalt¬ 
ammine salts of various valency types in solutions of other 
salts (‘solvent salts ’) of various valency types. The solubility 
was measured by a Kjeldahl estima tion of the solution of the 
solvent salt after it had percolated slowly through a long 
column of the solid complex salt. Below are tabulated typical 
results for two cobaltammine salts: 

.Solute salt: [Co(NH 3 ) 4 (N 02 )(CNS)][Co(NH 3 ),>(N 02 ).A 04 ] (l-l valent) 


Solvent salt 

Concentration of 
solvent salt 
(equivsflitre) i 

Solubility of 
complex salt 
{equivs./litre X 10^) 


0 

3-356 

KNO, 

0 0010 

3-418 


00050 

3-672 


00100 

3-669 

K,[Co{CN),] 

O'OOlO 

3-464 


00020 

3-656 


' 00050 

3-687 


Solute salt: [Co(NH 3 )e][Co{NH 8 ) 8 (N 02 ) 2 C 30 (3-1 valent) 


Solvent salt 

Concentration of 
solvent salt) 
{equivsf litre) 

Solubility of 
complex salt 
{molesjlitre x 10*) 


0 

0-6041 

KNO, 

0-0010 

0-6389 


0-0020 

0-5661 

BaCl, 

0-0010 

0-6484 


(i) Evaluate the activity coefficients of the two solute salts 
, /solubility in solvent salt\ . . 

gniptacally b, plottmg 
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the square root of the ionic strength and extrapolating to 
zero ionic strength. 


(ii) Plot the logarithm of the activity coefficient of each 
of the solute salts against the square root of the ionic strength 
of the solution, and compare the result with the straight lines 
predicted by the limiting equation of the Debye-Hiickel 

theory. —logj,,/= O-SOz^Zj Vju, 


where Zj, are the valencies of the ions of the solute salt 
and p. is the ionic strength of the solution. 


NOTE: Since the activity coefficient is inversely proportional to the 
solubility, the quantity plotted in part (i), XogsjsQ, is equal to log/o//. 
It is readily seen that the graph required in part (ii) is a line parallel 
to the one drawn in part (i), and may be drawn on the same sheet. 

Deviations from the limiting equation of Debye and Hiickel are 
often found, notably in the case of unsymrnetrical high valency salts. 
Examples of these deviations, which are in harmony with Bronstod’s 
‘principle of the specific interaction of ions’, are de^scribed by La Mer 
and Cook (J. Amer. Chem. Soc.y 1929, 51, 2622) and La Mer and 
Goldman (ibid., 1929, 51, 2632). 


PROBLEM 52* 

Activity coefficients oj aqueous solutions oj butanol 
jrom Jreezing-point measurements 

Harkins and Wampler, J. Amer. Chem. Soc., 1931, 53, 850. 

Harkins and Wampler measured the freezing-point depres¬ 
sion of aqueous solutions of butanol. The following table is 
selected from their results in dilute solution: 


Molality 

Freezing-point depression 

(m) 

AT (°C.) 

0004134 

0-007669 

0019330 

0-036588 

0-02420 

0-04452 

0-03982 

0-07300 

0-05206 

0-09606 

0-08067 

0-14679 

0-09746 

0-17680 
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(i) Calculate for each concentration the function j defined 

AT 

by the equation j = 1 — —, where A is the molecular depres- 

Xm 

sion at infinite dilution and has the value 1*858°, and plot 
jjm against the molality. 

(ii) Read off from the curve interpolated values of J/m at 
0*01 M, 0*03M, 0*05M, and O-IOM. 

(iii) From these interpolated values of jim and the corre¬ 
sponding values of m, calculate by graphical integration the 
activity coefficient of butanol at these molalities. 

NOTE ; The quantity jjm is very sensitive to experimental error in 
very dilute solution, but the arbitrary nature of the extrapolation to 
zero concentration makes very little difference to the final result. 
The method of graphical integration in which y/m is employed was 
devised by Lewis and Randall; it is described in their Thermo¬ 
dynamics (chap, xxiii) and in other text-books such as Butler (vol. ii, 
chap. v). The second integral in the expression for the logarithm 

i.e. J 0*00057may be neglected, 
0 ' 

since for the solutions under consideration its effect on the activity 
coefficient is barely appreciable below 0*1 M. The activity coefficients 
obtained should be compared with those of a uni-uni valent electro¬ 
lyte at the same molalities (c. 0*90 at 0*01 M and c. 0*78 at 0*1 M). 
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PROBLEM 63* 

Activity coefficients of sodium chloride solutions 
from the electromotive force of concentration cells 
with liquid function and transport numbers 

Brown and Mclnnes, J. Amer. Chem, Soc,, 1935, 57, 1356. 
The transport numbers of electrolytes have not infrequently 
been determined (cf. Problem 48) from a comparison of the 
E.M.F. of concentration cells ‘with’ and ‘without liquid 
junction’. Brown and Mclnnes reversed this procedure by 
evaluating activity coefficients from the E.M.F. of ‘cells 
with liquid junction’ taken together with transport numbers 
obtained by the accurate moving-bomidary method. 

They measured at 25° C. the E.M.F. of the cell: 

Ag*AgCl NaCl aq. NaCl aq. AgCPAg 
= 0*09953 

and the transport number of sodium in sodium chloride for 
various values of ,with the following results: 


Ct 

(equivalents 1 litre) 

EM.F. 

(millivolts) 

Transport number 
of sodium at C, 

0004984, 

~66*45o 

0*39304 

0*006978, 

-49*907 

0*3924, 

0*0199344 

-29*804 

0*39024 

0*039855 

-16*815 

i 0*3882, 

005976, 

-9*317 

! 0*3770o 

0*09963, 

0 

1 0*3864, 


(i) If be the activity coefficient at = 0*09953 and 
/g be the value for any other concentration Cg, calculate for 
the first five solutions the value of Alogjo/ defined by 
Alogio/= logioA-logioA- 


The ‘first approximation’ equation for activity coefficients 

OL'sIC 

of the Debye-Huckel theory is —logio/ = - where a is 

0*6056 for aqueous uni-univalent electrolytes at 25° C. and 
j3 is equal, under the same conditions, to the distance of 
closest approach of the ions multiplied by 3-27 x 10’. 




(ii) Examine graphically whether the activity coefficient 
data for sodium chloride conform with an equation of this type. 

(iii) Evaluate from the graph the distance of closest ap> 
proach of the ions. 

(iv) Determine the activity coefficients of the most dilute 
and the most concentrated solutions. 

NOTE: It is only recently that the moving-boundary method has 
been sufficiently refined to give transport number data suitable for 
the method of determining activity coefficients illustrated in this 
problem. The method is particularly valuable for electrolytes in 
which one of the constituent ions docs not provide a convenient 
reversible eh^ctrodo and where, therefore, concentration cells ‘without 
liquid junction ’ are impracticable. 

For the method of calculation, which is somewhat complicated by 
the variation of transport number with concentration, the original 
paper should be consulted ; it is an interesting example of the reduc¬ 
tion of somewhat recalcitrant experimental data. The graphical 
integration of the third term in equation (11) (p. 1361 of the paper) 
should be done by cutting out and weighing the area under the curve. 
It will bo found that the fourth term is insignificant at the three 
highest concentrations and may be neglected. 

In testing the conformity with the Debyo-Huckel equation, logjo/ 
for the most concentrated solution (the term A in the paper) may be 
taken as — 0*11 for a first approximation. 

PROBLEM 54 

The dissociation constant of the naphthalene-picric 
acid complex from cryoscopic measurements 
F. S. Brown, J. Chem, Soc., 1925, 127, 345. 

Pure nitrobenzene is too hygroscopic to be suitable as a 
solvent in cryoscopic measurements; if, however, its water 
content is maintained at a constant value by keeping it in 
contact with a salt hydrate pair, cryoscopic measurements 
may be carried out without difficulty. Brown studied the 
dissociation equihbrium of the naphthalene-picric acid com¬ 
plex in nitrobenzene under these conditions, using the salt 
hydrate pair, Na 2 S 04 , 0—lOHgO, to maintain the partial 
pressure of water constant. The following data are selected 
from his experimental results: 
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Weight of complex Observed freezing-point depression 

in 100 gm, of solvent (F.P. Moist Solvent--F,P, Moist Solution) 

(gm.) (° 0 .) 

2*1831 0*806 

4*2689 1-532 

6*0686 2*127 

The cryoscopic constant for nitrobenzene in mole fraction 
units (the ratio of the depression to the mole fraction) is 
55*81. The difference between the freezing-points of dry 
nitrobenzene and of nitrobenzene in equilibrium with the salt 
pair is 0*322°; the mole ratio water/nitrobenzene in the moist 
solvent is 0*00582. The molecular weights of the complex 
and the solvent are respectively 357*2 and 123. Calculate 
the degree of dissociation of the complex and the corre¬ 
sponding equilibrium constant (in mole fraction units) at 
each of the three concentrations. 

NOTE: This problem is a straightforward application of Raoult’s 
law for freezing-point depression (using mole fi’actions as concentra¬ 
tion units) to a non-eloctrolytic dissociation equilibrium in solution; 
such equilibria have been relatively little studied. 

It is convenient to begin by constructing an algebraic expression 
for the freezing-point depression in terms of the amounts (in moles) of 
the various solutes present and the degree of dissociation of the com¬ 
plex. This may then be transformed into an explicit expression for 
the degree of dissociation, into which numerical values for the three 
solutions may be substituted. The final stage is the calculation of 
the equilibrium constant in mole-fraction units. ^ 


4064 
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PROBLEM 65 


The hydrolysis oj aqueous solutions oj iodine Jrom 
conductivity measurements 

Jones and Hartmann, *7. Amer. Chem, Soc., 1916, 37, 241. 

The solubility of iodine in water was found to be 0*0006383 
moles/litre at 0° C. The specific conductivity of the solution 
was 0*6 gemmhos greater than that of pure water. The equi¬ 
librium constant [I'][l 2 ]/[l 3 ] is 7*07x10“^ at 0® C. and the 
mobilities of the ions concerned at the same temperature are: 

= 240 


I' = 

l3 = 


43-4 

22 - 8 . 


Estimate the hydrolysis constant of iodine in aqueous 
solution, viz. [HIO][H‘][I'] 

[ 12 ] ' 


NOTE: As a first approximation it is necessary to begin this calcula¬ 
tion by identifying the concentration [Ig] with the solubility of 
iodine, that is by assuming that the fall in concentration due to 
hydrolysis is negligible. The result of the calculation will show 
whether a second approximation is necessary. The restriction intro¬ 
duced by the necessity for electrical neutrality provides one of the 
equations required for the solution. 
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PROBLEM 56* 


The iodine-tri-iodide equilibrium, the Jree energy of 
formation of silver iodide, and the standard poten¬ 
tial of the iodine electrode 

Jones and Kaplan, J, Arner. Chem. Soc., 1928, 50, 1845 and 2066. 
The iodine-tri'iodide equilibrium, 

A solution of iodine in aqueous potassium iodide was 
equilibrated (through the vapour phase) with an unsaturated 
solution of iodine in pure water containing a trace of sul¬ 
phuric acid to prevent hydrolysis. The iodine content (free 
and combined) of the two solutions was estimated by means 
of arsenious acid. Below are the results of three such experi¬ 
ments : 


Experiment 

i A 

B 

C 

Temperature 

Potassium iodide concen- 

25° C 

25° C 

0°C 

tration (moles/litre) . 
Total iodine in KI solu¬ 

00200 

0-3333 ! 

1 0-02000 

i 

tion (moles/litre) . ! 

Iodine in aqueous solu¬ 

00023668 

0-003491 

0-0016505 

tion (moles/litre) 

0-0001745 

0-00001471 

0-00006201 


Assuming that the concentration of free iodine is the same 
in each pair of equilibrated solutions and that no polyiodides 
higher than I 3 are formed in solutions so dilute in iodine, 
calculate: 

(i) the equilibrium constant —at 25° and 0 ° C.; 

(ii) the heat of formation of the tri-iodide ion. 

The free energy of formation of silver iodide. 

The E.M.F. of the cell 

Ag.AgI I KI I KI+I 2 (unsaturated) | Pt 
0*02 N 0*02 N 

was measured at 25° and 0 ° C. using in the right-hand half 
of the cell the tri-iodide solutions analysed in experiments 
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A and C above. The E.M.F.s observed were 0*6611 volts 
(using solution A at 25° C.) and 0*6537 volt (using solution 
(7 at 0° C.). The solubility of iodine in pure water (corrected 
for the slight liydrolysis as determined by conductivity 
measurements) is 0*00132 mole/litre at 25° C. and 0*000635 
at 0° C. 

Neglecting the variation of activity coefficients with con¬ 
centration and assuming that the liquid junction potential 
diminishes the observed E.M.F. at 25° C. by 0*0007 volt and 
at 0° C. by 0*0005 volt, calculate: 

(iii) the E.M.F. at 25° and 0° C. of the cell 

I ^S^solid 1 ^2 solid > 

(iv) the free energy of formation of silver iodide at each 
temperature; 

(v) the entropy change in the reaction in cals./degree; 

(vi) the heat of formation of silver iodide. 

The standard potential of the iodine electrode. 

The E.M.F. of the cell 

Pt I KI 1 KCl I Hg^CI^.Hg 

0-02N OlON 

saturated 
with iodine 

is -—0*3200 volt at 25° C. 

The E.M.F. of the cell 

Pt I KI I KI 1 Pt 
0-02N 0-02N 

with iodine at saturated 
concentration of A with iodine 

is 0*0371 volt at 25° C. The liquid junction 
KI 1 KCl 

002N OlON 
with iodine at 
concentration A 

has a potential diflFerence of 0*0010 volt, the iodide solution 
being at the higher potential. 
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(vii) If the activity coefficient of 0-02 N KI is 0-89, and 
that of iodine in its solutions may be taken as unity, cal¬ 
culate the standard electrode potential of iodine at 25° C. 
on the decinormal calomel scale. 


NOTE I The method of equilibration through the gas phase is free 
from the errors (due to emulsification and slight mutual solubility 
of the two solvents) associated with the investigation of the iodine- 
tri-iodide equilibrium by distribution experiments with a non-polar 
solvent. 

Since the activity coefficients of iodide and tri-iodide ions, being 
of the same valency, are likely to be substantially the same, and since 
the activity coefficient of the iodine molecules will be virtually unity 
at such low concentrations, tlie thermodynamic equilibrium constant 
(expressed in activities) will be almost indistinguishable from the 
equilibrium constant (expressed in concentrations) calculated here. 

(iii) involves a correction for the liquid junction potential, as given, 
and the correction of the right-hand electrode potential to the value 
it would have in a solution simultaneously saturated with iodine and 
0*02 N in free V ; the latter correction is made m^glecting the variation 
of activity coefficients with concentration (i.e. identifying activity 
ratios with concentration ratios). The E.M.F. of the cell Ag|AglR|T 28 
is, of course, independent of the concentration of the intervening 
electrolyte, provided it is saturated with silver iodide and iodine. 

The result of (v) may be compared with the data of Problem 34; 
Jones and Kaplan’s discussion of the entropy of formation of silver 
iodide illustrates the difficulties sometimes associated with the experi¬ 
mental verification of the third law of thermodynamics. 

(vii) By the standard electrode potential of iodine is meant the 
potential of an inert metal electrode immersed in a solution simul¬ 
taneously saturated with iodine and containing Jree iodide ion at unit 
activity. 

In the calculation the potential of the liquid junction 


KI KI 

002N 002N 

saturated with Ig with iodine at concentration of A 

may be neglected. 

The sign convention must be carefully observed in this oroblem; 
the electromotive forces of the three cells as written give the potential 
of the right-hand electrode relative to the left-hand electrode. 
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PROBLEM 67 


The dissociation constant of monochloracetic acid 
determined by catalytic measurements 

Grove, J, Amer, Chem. Soc.y 1930, 52, 1404 (cf. BrOnsted and Grove, 
ibid., 1930, 52, 1394). 

The hydrolysis of the acetals is well adapted to the catalytic 
measurement of hydrogen-ion concentrations, partly because 
there is no appreciable general acid-base catalysis, the hy¬ 
drogen ion being the only catalytically effective molecular 
species, and partly because the linear salt effect has been 
accurately determined by BrOnsted and Grove. Grove ap¬ 
plied the method to measure the dissociation of monochlor¬ 
acetic acid; the rate of hydrolysis of the acetal was measured 
dilatometrically in the presence of varying concentrations of 
pure monochloracetic acid; dimethyl acetal was used for the 
diluter solutions, and the less catalytically sensitive ethylene 
acetal was used at the higher concentrations. Below are 
tabulated the hydrogen-ion concentrations (corrected for 
salt effects) at various concentrations of monochloracetic 
acid. 


Concentration of octd 
(moles per litre) 
0-003 
0005 
0010 
0016 
0100 
0*300 


Concentration of hydrion 
(gram-ions per litre) 
000151 
0-00212 
0*00327 
0*00416 
0*0120 
0*0217 


(i) Calculate the dissociation constant (in concentration 
units) and plot the result against the square root of the ionic 
strength of the solution (p), 

(ii) By graphical methods or otherwise, express the varia¬ 
tion of with ft in an equation of the form: 

log Kg = logJCo+V/i —;3/x, 

and hence evaluate the ‘true’ or thermodynamic dissociation 
constant in activity units 
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NOTE I The coefficient of \ju, is unity in the equation 
logKc == logifa-fV/i— 

by a numerical coincidence, since the coefficient a in the Debye- 
Hiiokel equation — logjo/ = happens to be almost exactly 

one-half. 

The conformity of with an equation of the type suggested (and 
its limiting value at zero ionic strength) is readily tested by plotting 
(log Kc— against /x. 
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PROBLEM 68* 


The ^OstwaW and ^thermodynamic^ dissociation 
constants of nitric acid in methanol solution 

Murray-Rust and Hartley, Proc. Roy. Soc. A, 1929, 126, 84. 

The equivalent conductivities of solutions of nitric acid in 
methanol at 25° C. are as follows: 


Concentration 
(moles I litre x 10^) 
0-9662 
1-8143 

3- 0753* 

4- 7296 
9-1630* 


Equivalent conductivity 

K 

178-69 

166-17 

151-00 

137-60 

116-32 


The sum of the mobilities at infinite dilution of the hydrion 
and the nitrate ion is 203*0. For uni-univalent electrolytes 
in methanol at 25° C, the Onsager equation for the equivalent 
conductivity and the Debye-Hiickel equation for the activity 
coefficient are as follows: 

= Ao-’(0*957Ao+158*l)Vc 
-login/± = 2-llVc. 

(i) Plot the equivalent conductivity against Vconcentra- 
tion and compare the result with the slope of the Onsager 
equation. 

(ii) Calculate the Ostwald dissociation constant and the 
thermodynamic dissociation constant of the acid at the two 
asterisked concentrations. 


NOTE: In evaluating the thermodynamic dissociation constant, 
the ‘true* degree of dissociation is determined as in Problem 44. 
Concentrations are then replaced by activities by means of the 
equation relating activity coefficients to ionic concentrations at high 
dilutions to give the ‘true’ or * thermodynamic * dissociation constant. 
(Cf. Davies, chap, vii, or Falkenhagen, chap. xi). The activity 
coefficient of the (electrically neutral) acid molecules is assumed to be 
unity. 
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PROBLEM 59^ 


The thermodynamic dissociation constant oj acetic 
acid jrom conductivity measurements 

Mclnnes and Shedlovsky, J. Amer, Chem, Soc., 1932, 

54, 1429. 

The equivalent conductivity of aqueous solutions of sodium 
acetate (containing a known small excess of acetic acid to 
repress hydrolysis) was measured at 25° C. with the following 
results, to which a solvent correction for both water and 
excess acid has already been applied: 


Concentration 
(equivalents jlitrex 10^) 
1-8627 
7-3205 
15-256 
27-973 
43-016 


Equivalent conductivity 
(mhos) 

89-92 

88-90 

87-95 

86-96 

86-07 


(i) 


Plot the function 


A + 59-79yc 
l~0*2‘2'74Vc 


against the concentration 


and thus evaluate and the constants of the Shedlovsky 
extension of Onsager’s equation. 

(ii) A similar analysis of the conductivity data for sodium 
chloride and hydrochloric acid leads to the following equa¬ 
tions for the two electrolytes: 

ANaoi = 126-42-88-53Vc+89'5c(l-0-2274Vc), 

Ahci = 426-04-156-67Vc+165-5c(l—0*2274Vc). 
Assuming the independent migration of ions, write dow n the 
equation for the variation with ionic concentration of the sum 
of the mobilities of the ions of acetic acid (that is, the varia¬ 
tion with concentration of the equivalent conductivity of the 
hypothetical completely dissociated acetic acid), and con¬ 
struct a graph from the equation for ionic concentrations up 
to 0-001N. 

The following conductivity data were obtained for aqueous 
solutions of acetic acid at 25° C.: 


40M 
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M 



Concentration 

Equivalent conductivity 

(equivalentsllitrex 10*) 

(mhos) 

0-28014 

210-32 

1-5321 

112-02 

10-2831 

48-133 

98-421 

16-367 

523-03 

7-200 


(iii) Calculate the 'Ostwald’ dissociation constant for each 
concentration, neglecting the variation of mobilities with 
concentration. 

(iv) Calculate the true degree of dissociation at each con¬ 
centration, computing the ionic concentration in each case 
by a series of successive approximations and using the graph 
from part (ii) of the problem. 

(v) Calculate from these true degrees of dissociation the 
dissociation constant (K') in terms of concentrations (as 
distinct from activities). 

(vi) Plot the logarithm of these dissociation constants 
against the square root of the ionic concentration. 

(vii) By extrapolation evaluate the thermodynamic dis¬ 
sociation constant and compare the slope of the graph with 
that to be expected from the Debye-Hiickel limiting equation 
for activity coefficients. Compare the thermodynamic dis¬ 
sociation constant wdth the value derived from E.M.F. 
measurements by Harned and Ehlers (1-754 x lO-"' at 25'' C.; 
cf. Problem 60), 

NOTE: The work upon which this problem is based constitutes one 
of the most accurate determinations of the dissociation constant of 
a weak electrolyte and takes account of the inter-ionic forces not only 
in their effect on the mobility of the ions but also in so faros they alter 
the activities of the ions in the dissociation equilibrium. The Shed- 
lovsky extension of Onsager’s equation has already been commented 
upon (cf. Problem 42). In (iv) the true degree of dissociation is to be 
calculated by the method described by Davies (chap. vii). 

The reasons for the deviations from linearity at the higher con¬ 
centrations in the graph orawn in (vi) are discussed by Mclnnes and 
Shedlovsky. 
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PROBLEM 60* 


The thermodynamic dissociation constant oj acetic 
acid in aqueous solution jrom electromotive Jorce data 

Hamed and Ehlcrs, J. Amer. Chem. Soc., 1932, 54, 1364. 

The E.M.P. at 20° C. of the cell (without liquid junction) 
Ha 1 CH 3 COOH, CHaCOONa, NaCl | AgCl-Ag 

rrii m 3 

for varying compositions of the electrolyte is: 

mj m 3 E 20 {volts) 

(molesj1000 gm, water) 

0004779 0004599 0004896 0-63580 

0-012035 0*011582 0*012426 0*61241 

0-021006 0*020216 0*021516 0*59840 

The E.M.F. of the cell H 2 | HCl (unit activity) | AgCl-Ag in 
these concentration units is 0*2255 volt at 20 ° C. (cf. 
Problem 50). . 

Calculate by graphical extrapolation the thermodynamic 
dissociation constant of acetic acid. 

Dole, chap, xx 

NOTE: The two types of cell of which the E.M.F. is given, when 
combined ‘back to back*, constitute a concentration cell without 
liquid junction for hydrochloric acid, and their combined E.M.F. is 
determined by the ratio of the activity products ( 0 ^+ Xacj-) in the 
two electrolytes. When this relation is formulated and the hydro¬ 
gen-ion concentration is replaced by 

an equation is obtained which can be rearranged so that the limiting 

_ j^iji 

value at zero ionic strength of one side of the equation is —p— 

An extrapolation to zero ionic strength of the expression constituting 
this side of the equation will therefore lead to the evaluation of K , 
tlie thermodynamic dissociation constant. 

In formulating the quantity to be plotted, it is necessary to assume 
an appproximate value of ; this value may be obtained by 
putting for acetic acid at an approximate value of 1*8 x 10 ”* and 
working out mH+ from m, and mj. 

N.B. In solving this problem five-figure logarithms are necessary. 
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PROBLEM 61 


The thermodynamic dissociation constant and heat oj 
dissociation oJ water from electromotive jorce 
measurements 


Hamed and Hamer, J. Amer. Ghem. Soc., 1933, 55, 2194 (cf. Hamed 
and Ehlers, ibid., 1932, 54, 1354). 


Harned and Hamer determined the thermodynamic dis¬ 
sociation constant and heat of ionic dissociation of water by 
combining measurements of the E.M.F. of the cell 


Ha 


KOH, KCl 
OOIM m 


AgCl*Ag (Cell A) 


at various values of m and at various temperatures with the 
E.M.F. of the cell 


Hg I HCl at unity activity | AgCl-Ag (Cell C) 

as measured by Harned and Ehlers at the same temperature. 
A selection of their results is tabulated below: 


r=15®C. T=25°C. 


Cell A 

E, 

E^ 

^Kci “ 0*02 

1*03147 

1*03260 

0*05 

1*00883 

1*00922 

0*10 

0*99181 

0*99160 

Cell C 




0*22847 

0*22239 

Plot the function 



E^- 

In 



against the ionic strength of the solution in cell A, and 
extrapolate to find its limiting value at zero ionic strength 
for both temperatures. 

(ii) Hence evaluate the true dissociation constant of water 
at both temperatuces and the mean heat of dissociation. 
Compare the latter value with the calorimetric value of 
13,693 cals, obtained at 20® C. by Richards and Rowe 
(J. Amer, Chem, Soc., 1922, 44, 684). 
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Dole, Chap. xxi. 

NOTEi The principle of this problem is the same as that of Pro* 
blem 60. It is indeed somewhat simpler in application, since it is 
unnecessary to assume an approximate value for Wh + * 

N.B. Five-figtire logarithms are necessary for this problem. 


PROBLEM C2 

The thermodynamic dissociation constant oj water^ 
determined Jr om an equilibrium involving mercuric 
oxide and mercurous bromide 

Newton and Bolinger, J. Amer. Chem. Soc., 1930, 52, 921. 

Newton and Bolinger determined the equilibrium constant 
of the reaction 

JHg0(8)+ing(l)+iH20(l)+Bi- = iHg,Br2(s)+OH“ 

by shaking up potassium bromide solution with an excess 
of mercuric oxide, mercurous bromide, and mercury in a 
thermostat at 25° C. until equilibrium was established; the 
hydroxyl and bromide ion concentrations of the solution were 
then measured. Selected results are tabulated below: 


Initial 
weight ratio 
HgO/Hg.Br^ 

Time of 
shaking 
(hours) 

(OH-) 

Gramme’ions 
per litre 

(Br-) 

Qramyne-ions 
per litre 

1 : 1 

26 

001402 

006975 


298 

001370 

00689 

6 : 1 

123 

001856 

009066 


274 

001817 

0-0896 


(i) Calculate the activity ratio (aoH~/^Bi-) for each set of 
observations by using activity coefficients interpolated from 
the following data: 


Ionic strength 

O-OIO 

0-060 

0-100 

Activity | KBr 

0-899 

0-816 

0-765 

Coefficient 1KOH 

0-901 

0-816 

0-772 


and estimate the mean activity ratio. 
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The E.M.F. of the two following cells: 

1 NaOH I HgO Hg 

aq. 

Hg I HBr 1 Hg^Br^ Hg 

unit activity 

have been measured at 25° C. by other authors and found 
to be 0*9264 and 0*1396 volts respectively, the former being 
independent of the concentration of sodium hydroxide. 

(ii) From these data and the result of (i), calculate the 
ionic activity product of water at 25° C. 

NOTE: The advantage of this method of deriving from E.M.F. 
measurements over most of its predecessors is that it involves no 
cells containing liquid jimction potentials, which always introduce an 
element of uncertainty. The work of Harned and Hamer upon which 
Problem 60 is based is also free from this source of error. 

The problem is a straightforward example of the additivity of free 
energy data. 

The activity coefficient data quoted in tlio problem (taken from 
Taylor, vol. i, chap, xii) are more recent than those used by Newton 
and Bolinger. 
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PROBLEM 63 


The cryoscopic behaviour oj triphenylmethane and 
of tetra-isoamyl-ammonium nitrate in dioxane 
solution 

Kraus and Vingeo, J. Ayner, Chem. Soc., 1934, 56, 611. 

The freezing-point depressions of dioxane solutions of tri¬ 
phenylmethane and tetra-isoamyl-ammonium nitrate are as 
follows: 


T'ri])hcn 

ylmethane 

Tctra-isoarnAfl-ammoniiim nitrate 

Moles per 1000 
gm. dioxane 

rc.) 

Moles per 1000 
gm. dioxane , 

AT (■’C.) 

()()03()20 

001690 

000018 

0-00078 

001385 

006430 

0-00111 

0-00297 

004034 

0-1875 

0-00402 

0-00725 

0-07741 

0-3579 

0-00792 

001142 



0-01113 

0-01510 


The equivalent conductivity of a M/1,000 solution of the 
salt in dioxane is 1*93 x 10“^ mhos. 

What conclusions can be drawn from these data as to the 
constitution of solutions of tetra-isoamyl-ammonium nitrate 
in dioxane ? 

NOTFJ: Tlie results of this calculation provide experimental evidence 
of the complex ion-aggregates which are postulated in solvents of 
low dielectric constant. Kraus and Fuoss (J. Arner. Chem. Soc., 
1933, 55, 47G). 
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PROBLEM 64 


Estimates oj the concentration oj undissociated 
molecules in aqueous hydrochloric acid 

Bates and Kirschmann, J. Amer, Chem, Soc., 1919, 41, 1991; 

Ellis, ibid., 1916, 38, 737; Linhart, ibid,, 1917, 39, 2601; Fajans, 

Trans, Faraday Soc,^ 1927, 23, 357; Ebert, Naturwissenschaft, 

1925, 13, 393. 

The concentration of hydrogen chloride molecules in dilute 
solutions may be roughly estimated provided (a) that the 
partial pressure of hydrogen chloride above the solution 
(which is experimentally unmeasurable except in concen¬ 
trated solution) can be calculated, and (6) that the partition 
coefficient of the molecules between water and the gas phase 
can be estimated by plausible analogy with that of struc¬ 
turally similar compounds. 

(a) The vapour pressure of hydrogen chloride over its diltUe 

aqueous solutions. 

The vapour pressure of concentrated solutions of hydro¬ 
chloric acid at 25° C. has been measured by Bates and 
Kirschmann with the following results: 

Molality Vapour pressure 

{moles per 1,000 gm, water) (mm.) 

3*240 0*00780 

3*952 0*01724 

5*041 0*0557 

5*364 0*0791 

The E.M.F. of the cell Hg | HCl aq. 1 HggClg.Hg has been 
measured at the same temperature by Ellis and by Linhart; 
the following results are taken from their work: 

Molality E,M,F, 

4*484 0*15506 

0*0100 0*5110 

(i) Calculate from the above data the experimentally in¬ 
accessible vapour pressure of hydrogen chloride above its 
M /100 solution. 
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(5) The partition coefficient of hydrogen chloride molecules 
between the aqueous solution and the gas phase. 

Method 1 (Fajans). We may assume that the partition 
coefficient for hydrogen chloride molecules is the same as the 
‘over-all’ partition coefficient of hydrogen cyanide. The 
partial pressure of hydrogen cyanide over a 2-92 M solution 
is 167 mm. at 18° C. 

(ii) On this basis calculate the concentration of hydrogen 
chloride molecules in 0-01 M HCl from the result of (a). 

Method 2 (Ebert). Ebert pointed out that for aqueous 
solutions of the alkyl halides the quotient 

V.P. of halide above solution 
(concentration in solution) x (molecular volume of halide) 

is very roughly constant at a given temperature and in¬ 
dependent of the alkyl radical. 

Assuming that it is justifiable to extend the principle to 
the hydrogen halides, (iii) calculate the order of magnitude 
of the concentration of hydrogen chloride molecules in 
0*01 M HCl from the result of (a) and the following data. 
The vapour pressure of propyl chloride above its 0*0346 N 
aqueous solution is 280 mm. at 20° C. The molecular volumes 
of propyl and hydrogen chlorides may be taken as 88 and 
30 respectively. 

NOTE: The calculation of the vapour pressure over the 0 01 M 
solution depends on the identity of the nett work derived from the 
transfer of hydrogen chloride from one solution to another whether 
it is performed electrically in a concentration cell or by distillation 
through the gas phase. The necessary interpolation of the vapour 
pressure of hydrogen chloride over a 4-484 M solution is readily 
made from a graph of the logarithm of the V.P. against the molality; 
rough interpolation only is necessary since the result is to be used 
to calculate an order of magnitude. 
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PROBLEM 65 


The dissociation constants of benzoic and tartaric 
acid from electrometric titration measurements 

Auerbach and Smolczyk, Z. physikaL Chcm., 1924, 110, 65. 

A SERIES of organic acids were titrated with alkali at 20° C. 
using a quinhydrone electrode against a saturated calomel 
electrode. The quinhydrone electrode is 0-7029 volt more 
positive than the hydrogen electrode in solutions of the same 
hydrion activity; the saturated calomel electrode is +0*2461 
volt on the hydrogen scale. 

Below are tabulated the results for benzoic and tartaric 

* Benzoic acid 

50 c.c. of 0*02114 N benzoic acid titrated with 0*1244 N caustic soda. 


c.c. alkali 
0*00 
1*07 
2-46 
4*77 
6*73 
7*82 
8*33 
8*42 
8*C3 
8*67 
8*71 


E.M.F. 

0*2879 

0*2603 

0*2372 

0*2078 

0*1795 

0*1516 

0*1083 

0*0832 

- 0*0102 

-0*0204 

-0*0247 


Tartaric acid 

10 c.c. of 0*1005 N tartaric acid titrated with 0*1244 N caustic soda. 


c.c. alkali 

E.M.F, 

0-00 

0-3269 

2*00 

0*2842 

3*50 

0*2580 

4*00 

0*2493 

4*50 

0*2410 

5*00 

0*2324 

6*00 

0*2135 

7-00 

0*1896 

7-80 

0-1484 

8-00 

0-1055 

8-09 

0*0197 

8-12 

-0-0072 

8-19 

-0-0313 
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(i) Plot the titration curve (E.M.F. or pH against the 
volume of alkali) of each acid. 

(ii) Plot the differential quantity 

_A E.M.F. 

A volume of alkali added 

against the volume of alkali in the neighbourhood of the 
end-point for each acid. 

(iii) Calculate the dissociation constant of benzoic acid. 

(iv) Calculate the two dissociation constants of tartaric 
acid. 


Dole, chap. xxiv. 

NOTE: Benzoic acid. This calculation is based on the assumption 
that on the acid side of the titration of a weak acid by a strong base 
^ _ (hydrogen-ion concentration)(concentration of salt formed) 
(concentration of un-neutralized acid) ’ 

an approximation which neglects the dissociation of the un-neutral¬ 
ized acid and the distinction between activities and concentrations. 
The neutralization point is ascertained graphically, and the dissocia¬ 
tion constant may be calculated from the interpolated E.M.F. at 
half-neutralization or from the directly observed E.M.F. at some 
point in the same region. 

Tartaric acid. For dibasic acids assumptions similar to those above 
are made but the equations are more complex; the original paper 
should be consulted. It is necessary to use E.M.F. measurements 
for the point of complete neutralization and two other points, not too 
close together; for the latter, points corresponding to 3*5 and 6 c.c. 
of alkali respectively are suitable. 
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PROBLEM 66 


The equilibrium between Jerrous and jerric ions 

PopofiF and Kimz, J, Amer, Chem. Soc., 1929, 51, 382; Popoff, 
Fleharty, and Hanson, ibid., 1931, 63, 1643. 

The ferroiLS'ferric equilibrium determined by E.M,F. measure- 
merits. 

Popoff and Kuiiz measured the E.M.F. of the cell 

HCl m^ 

Pt, Hg I HCl I FeClg m^ 1 Pt 
TT^ TTg FeClg mg TTg 

at 25° C. for a series of values of m^ and mg. Their results 
were corrected for small deviations from equality in the 
molality of the ferrous and ferric salts; the value of the right- 
hand electrode potential plus the liquid junction potential, 
(TTg+TTa) was then calculated on the standard hydrogen scale 
from the known activity coefficients of aqueous solutions of 
hydrochloric acid. 

Some of their results are tabulated below : 


= 005 

1 — 0-10 


0-20 


+ i 

! *”2 

TTa+TTa 

ma 

TTa+TTs 

0009431 

0-7337 

0-009397 

0-7282 

0-008855 

0-7207 

0005318 

0-7360 

0-004799 

0-7295 

0-004545 

0-7214 

0002554 

0-7372 

0-002598 

0-7302 

0-002202 

0-7218 


(i) Extrapolate for each acid molality to zero salt 

concentration, 

(ii) Extrapolate these limiting values (from which TTg has 
disappeared) to zero acid concentration and thus evaluate 
the standard oxidation-reduction potential of ferrous and 
ferric ions, 

(iii) Taking the standard potential of the silver electrode 
as -f0*7995, calculate from the result of (ii) the equilibrium 
constant at 25° C, of the reaction 

Ag-}-Fe(N 03)3 ~ AgN03~|“Fe(N03)2, 
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and compare your result with the experimental value (extra¬ 
polated to zero salt concentration) of 0*128, measured directly 
by Noyes and Brann. 

The chemical determination of the ferrous-ferric equilibrium, 
Popoff, Fleharty, and Hanson approached the equilibrium 
point of the reaction 

2Hg+2Fe(Cl04)3 = 2Fe(C10j3+Hg2(C104)3 

at 25° from both sides, the equilibrium concentrations 
being determined by electrometric titration. Their result for 
two experiments made in the presence of 0*002 M HCIO4 were 
as follows: 




^Po+ + + 

0001646 1 

00007712 

0-0004542 

00008301 

00004153 

0-0001698 


(iv) Assuming that at these ionic strengths the activity 
coefficients are given by the equation 

—logic/= 0-50zNix, 

where z is the valency of the ion and /x is the ionic strength, 
calculate the true equilibrium constant (in activities) from 
each mixture. 

(v) From the mean of these two values calculate the 
standard potential of the ferrous-ferric electrode, taking 
Lewis and Randall’s value of the standard potential of 
mercury (against mercurous ion) as +0*7986. 

Dole; chap, xxiii. 

NOTE: The method of calculation is hero fairly completely indicated 
in the formulation of the problem. The sign of the standard electrode 
potentials given in the problem is according to the ‘ European ’ con¬ 
vention (also adapted by Dole) in contrast to that of Lewis and 
Randall, used in the original paper. In (iv) the equilibrium constant 
should be calculated in the form 

crHg«^ + *qi>e^^+ . 
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reference to the original paper reveals unexpected discrepancies in 
the equilibrium constants derived from data (not quoted here) 
obtained in the presence of slightly higher concentrations of per¬ 
chloric acid; the original paper also shows that very variable 
equilibrium ‘constants' are obtained when calculated on the assump¬ 
tion that the mercurous ion is monatomic. For a recent determi¬ 
nation of an oxidation-reduction potential by the same method as 
that of Popoff and Kunz see Partington and Stonehill, Trans, Faraday 
Soc,, 1935, 31, 1357. 
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PROBLEM 67 


The electrometric titration of an organic 
oxidation-reduction system 

Conant, Kahn, Fieser, a,nd Kurtz, J. Amer. Chem. Soc>, 

1922, 44, 1382. 

The reduction of many quinones is rapid and electro- 
chemically reversible. The fact is utilized in the well-known 
quinhydrone electrode, but in this case side reactions make 
the process essentially irreversible in alkaline solution. 
Conant and his associates showed that the reduction of the 
salts of the anthraquinone sulphonic acids is reversible in 
both acid and alkaline solution and leads to reproducible 
oxidation-reduction potentials over the whole range of 
hydrion concentration. 

They prepared a series of buffer solutions whose pH was 
evaluated by measuring the potential difference between a 
hydrogen electrode immersed in the solution and a deci- 
normal calomel electrode. A small quantity of the sodium 
salt to be reduced was then added and reduced by adding 
successive increments of titanous chloride or sodium hydro¬ 
sulphite. After each addition the potential of a platinum 
electrode immersed in the solution was measured against the 
decinormal calomel electrode. The sharp change of E.M.F. 
at the end-point enabled the latter to be fixed with con¬ 
siderable accuracy, and the value of the E.M.F. at 50 per 
cent, reduction was then determined by graphical interpola¬ 
tion. 

The results tabulated below relate to the reduction of the 
di-sodium salt of anthraquinone 2.6 disulphonic acid in 
various buffer solutions at 25° C. The first column gives the 
potential of the hydrogen electrode in the buffer solution, 
referred to the standard hydrogen electrode; the second 
column gives the oxidation-reduction potential at 50 per cent, 
reduction on the same potential scale: 
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Potential of hydrogen 
dectrode in buffer solution 
{on the hydrogen senile) 
-0‘227 
-0*345 
-0-407 
-0-451 
-0-532 
-0-568 
-0-619 
-0-665 
-0-701 
-0-770 


Oxidation reduction 
potential 

(on the hydrogen scale) 
+ 0-001 
- 0-120 
-0-181 
- 0-220 
-0-275 
-0-292 
-^0-311 
-0-324 
-0-326 
-0-325 


(i) Plot the oxidation-reduction potential against the pH 
of the buffer in which reduction takes place. 

(ii) Interpret the form of the curve. 

(iii) From the data for the first three solutions calculate 
the standard oxidation-reduction potential of the system in 
unit activity of hydrion. 

(iv) From the result of (iii) and the data in alkaline solu¬ 
tion calculate the first and second dissociation constants of 
the hydroxyl groups in the reduction product. 

NOTE: The analysis of the rather complicated ionic equilibria of 
this problem is concisely described by Dole (chap, xxiii) and more 
fully by the original authors. The equations are rather long, but 
their deduction is quite straightforward and should be checked; 
their numerical application in this problem is relatively short; no 
distinction is made between activities and concentrations. Under 
the conditions of the experiment the sulphonic acid groups are almost 
completely ionized and do not enter into consideration. 

The paper from which this problem is taken was one of the earliest 
in an extensive and important field of application of electrochemical 
methods to organic problems. Light has been thrown on irreversible 
as well as reversible systems. Summaries by Clark (Chem, jRet?., 
1925, 2, 127) and Conant (ibid., 1926, 3, 1 ) may be consulted. Some 
later references will be found in Dole. 
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PROBLEM 68 


An experimental test of the Donnan theory of 
membrane equilibrium 

Kameyama, Phil. Mag., 1925, 50, 849. 

Kameyama investigated the distribution of potassium 
chloride across a membrane of copper ferrocyanide, deposited 
on vegetable parchment, between a pure aqueous solution 
and one containing x^otassium ferrocyanide, the anion of 
which cannot pass through the membrane. 


KCl (C,) 
K,Fe(CN)e (C,) 


KCl (Cg) 


Membrane 

of 

CuaFe(CN)6 


The following equilibrium data are selected from his results, 
concentrations being expressed in milli-equivalents per litre:— 


Solution 1 

Solution 2 

K4Fe(CN)e 

KCl 

KCl 

iC,) 

(Cl) 

(C2) 

17*8 

22-2 

27-8 

42-4 

10*7 

20-9 

80-3 

IM 

260 


Assuming that the activity coefficient of potassium chlor¬ 
ide, in pure and mixed salt solutions, dej)ends only on the 
ionic strength of the solution and that the variation with 
the ionic strength is given by the following data : 


Concentration 
(millimoles per litre) 

10 

20 

50 

100 

200 

600 

V(Ionic strength) 

01 

0-1415 

0-2237 

0-3162 

0-4472 

0-7071 

Activity coefficient 

0-922 

0-892 

0-840 

0-794 

0-749 

0-682 


examine the conformity of the experiments with the Donnan 
theory by using the theory and the principle of ionic strength 
to calculate, from the concentration data for the potassium 
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ferrocyaiiide side of the membrane, the concentration of 
potassium chloride to be expected on the other side of the 
membrane. 

NOTE: The theory of membrane equilibria is concisely described 
in Taylor, vol. i, chap. vii. 

Two recent papers by Schmid (Z. Elcktrochcm.. 1933, 39, 384 and 
453) give full details of tlie experimental techiiiciuo of membrane 
stiulies. 

The calculation is facilitated by ])lotting, foi' interpolation piir- 
))oses, a graph of activity coc'lhcient against activity for dilute 
potassium chloride solutions in addition to the grapli of activity 
coefficient against ionic strong! 1)) which is obviously necessary. 
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VIII. MISCELLANEOUS ELECTRO¬ 
CHEMISTRY 


PROBLEM 09 


The heat oj solvation oj ions 

Lange, Fortacliritte der Chem. Phya. u, Phys. Chem.^ 1928, Band 19, 
Heft 6; Bjcrrum, Z, j^hyaikal. Chcm., 1927, 127, 358. 

The lattice energy of potassium iodide, calculated from the 
attractive and repulsive forces between the ions by the Born 
theory, is 148 kcals. per mole. The heat of solution in water 
at infinite dilution is +4*9 kcals. per mole at 25° C. 

(i) Calculate the sum of the heats of hydration of anion 
and cation at infinite dilution. 


(ii) Compare this result with that calculated from the 
Born-Bjerrurn equation (which is 1 ised on a purely electro¬ 
static picture of solvation): 


If = - 


2 r \ D 


D^dTf 


where If is the heat of solvation (in ergs) of an ion of charge 
Z€. and radius r in a solvent of dielectric constant D at abso¬ 
lute temperature T, D and dDjdT for water may be taken 
as 83 and —0-38 respectively; the lattice radii of the potas¬ 
sium and iodide ions are 1*33 and 2-20 A. respectively. 


NOTE: This problem illustrates the magnitude of the ion-solvent 
forces which arc responsible for the solubility of salts in polar 
solvents in spite of the largo cohesive forces present in electro- 
valent crystals. There can be little doubt, however, that the Born- 
Bjerrum model of the ion as a charged sphere immersed in a continuous 
dielectric is greatly oversimplified; the intense field of force round 
the ion must polarize the molecules in the vicinity very drastically 
(see, for example. Askew et a/., */. Chem, Soc.y 1934, 1368). 

The temperature, coefficient of the dielectric constant of water is 
rather uncertain (cf. Lange, Z. Electrochem.y 1930, 36, 772). 

A negative sign in a heat change corresponds to heat evolved. 
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PROBLEM 70 


Standard electrode potentials in methanol 

Buckley and Hartley, Phil, Mag,, 1929, 8, 320 (cf. Nonhebel and 
Hartley, ibid., 1925, 50, 729; Woolcock and Hartley, ibid., 
1928, 5, 1133). 

The E.M.F. at 25° C. of the cell 

Ag. AgCl I NaCl in MeOH | NaC 104 in MeOH | AgC 104 in MeOH | Ag 
001M 001M 001M 

is 0*5243 volt, of which 0*0033 volt is (by calculation) due to the 

liquid junction potentials. The concentrations are expressed 

in moles per 1,000 gm. of solvent. In these concentration 

units (cf. Nonhebel and Hartley, loc. cit.; Woolcock and 

Hartley, loc. cit.) the E.M.F. of the cell 

Ag.AgCl I HCl in MeOH | Hg 

(unit activity) 

at 25° C. is 0*0082 volt. The activity coefficient in the same 
concentration units of all completely dissociated 1-1 electro¬ 
lytes in methanol at 0*01 M may be assumed to be the same 
as that of 0*01 M HCl, namely, 0*745. 

Calculate: 

(i) the standard electrode potential of silver in methanol 
on the standard hydrogen scale; 

(ii) the solubility (activity) product of silver chloride in 
methanol; 

(iii) the standard potential of chlorine in methanol if the 

Ag| AgClaq. 104 

(saturated) 

has an E.M.F. of 1*1362 volts at 25° C. 

NOTE: The dependence of activity coefficients on concentration 
units is dealt with briefly in the paper of Woolcock and Hartley 
quoted; a more detailed treatment will be found in Falkenhagen, 
chap. iv. 

Conventions of sign must be carefully observed in solving this 
problem; the cells are written with the right-hand electrode €is the 
positive pole, that is to say, positive electricity will move through 
the cell from left to right when the cell gives current. In deducing 
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an unknown E.M.F. by combining known E.M.F.s it sometimes saves 
confusion to arrange the potentials in order along a qualitative 
vertical scale so as to visualize the necessary additions and sub¬ 
tractions geometrically. 

Part (iii) depends on the fact that the free energy of formation 
of solid silver chloride from its elements is independent of the solvent 
from which it is precipitated. 


PROBLEM 71 


An experimental test of the interionic attraction 
theory applied to heats of dilution 

Lange and Lehigh ton, Z, Electrochem., 1928, 34, 566. 


According to the interionic attraction theory the integral 
heat of dilution of a binary strong electrolyte at high dilu¬ 
tions is given by the equation 


z 


Nehf u Tdm 

^ JD V\l000Z>yfc7’/\ ^DdT) ’ 


where TJ is the integral heat of dilution in calories per mole 
(i.e. the heat absorbed w hen 1 /c litres of solution of concentra¬ 
tion c are added to an infinite amount of water), N is the 
Avogadro number, e the electronic charge, z the valency of 
the ions, J is the mechanical equivalent of heat in ergs per 
calorie, k is Boltzmann’s constant, D is the dielectric con¬ 
stant of the solvent, T the absolute temperature, and c is the 
initial concentration in moles per litre. For water at 25° C. 
D may be taken as 83 and dDjdT probably lies between 
—0-349 and —0*385. 


Using a very sensitive differential (or ‘twin’) calorimeter 
Lange and Leighton obtained the results tabulated below for 
aqueous solutions of potassium chloride at 25° C. In one half 
of the calorimeter 93 c.c. of solution of concentration were 
diluted down to concentration ; in the blank half of the 
calorimeter a similar volume of w^ater was simultaneously 
‘diluted’ with water. A multiple junction thermocouple 
and galvanometer recorded the temperature difference there¬ 
by set up between the two halves of the calorimeter. The 
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heat capacity of the calorimeter was estimated by passing 
known amounts of electrical energy through a resistance 
heater in one half and measuring the galvanometer deflexion 
produced; the average value was 86x 10“^ cals./nim. galv. 
deflexion. In the asterisked experiments a small quantity of 
electrical energy (specified in column 4) was passed into the 
blank half of the calorimeter to cut down the galvanometer 
deflexion and the heat leakage between the two halves. 


Initial 

concentration, 

_Cl_ 

000303 

000606 

0-0202 

0-060 


Final 

concentration^ 

c., 

0000326 

0-000653 

0-00218 

0-00648 


Oalvanomctcr 

deflexion 

(rnm.) 

4-5 

12-0 

16-0 

122-0 


I Compensation 
heating, 

1 cxtlories 


0-0442* 

0-109* 


(i) Calculate the values of .4 in the theoretical equation 

V, = A^lc 

corresponding to the two extreme values of dDjdT. 

(ii) Calculate from the experimental results the heat of 
dilution per mole in each of the four dilution experiments. 

(iii) Compare these experimental values with the corre¬ 
sponding theoretical values of 

NOTE: The data of this problem are taken from the researches of 
Lange and his collaborators in high-precision calorimetry of electro¬ 
lytes ; the experimental technique and theoretical implications of the 
work are summarized by Lange and Robinson (Chem, Reviews, 1931, 
9, 89); a shorter account with less experimental detail will be found 
in the Anmud Reports of the Chemical Society, 1932, 29, 29. 

For obvious reeisons Vq is not itself directly me£tsurable, but 
can be directly determined, and it is this quantity that is 
most readily compared with theoretical predictions. 
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PROBLEM 72 


The kinetics of the electrolytic discharge of hydrogen 
and oxygen from aqueous solutions 

liowden and Ki<leal, Proc. Poy, Soc. A, 1928, 120, 59, 80; Bowden, 
Proc. Boy. Soc, A, 193u, 126, 107. 

Bowden and Rideal polarized various electrodes cathodically 
in dilute siilpliuric acid free from dissolved oxygen and re¬ 
corded photographically the change with time of the elec¬ 
trode potential as measured by a string galvanometer. The 
following results, derived from one of the diagrams in their 
first i)aper, relate to a mercury cathode in N/5 sulphuric 
acid free from oxygen: 

Tilin' I’olviUial oj nirrriinj rcl-itire to 

(ticc.) a saturated calomel cathode 

0-010 - 0-2!)3 vull 

0040 -0-293 


At 0-051 second a polarizing current ot 4x 10"^ amps./cm.^ 
was switched on: 


0-057 

---0-331 

0-080 

-0-490 

0101 

-0000 

0*120 

-0-744 

0-139 

-0-884 

0-100 

-0-991 

0-J79 

-1-060 

0-200 

-1-105 

0-221 

-1-114 

0-240 

-M18 

0-280 

-1110 

0-320 

-1118 


From the time-potential curve for the first 0-06 second of 
the passage of the polarizing current (i) infer the form of the 
relation between the potential of the electrode and the hydro¬ 
gen deposited on it, and (ii) estimate the amount of hydrogen, 
calculated in terms of a unimolecular layer of atoms 1 A. in 
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diameter, necessary to change the potential of the cathodic- 
ally polarized mercury by 0*100 volt. 

Experiments similar to the above were made with a series 
of cathodes of different materials and the hydrogen deposits, 
expressed in coulombs/cm. 2 , necessary to chknge the cathode 
potential by 0*100 volt were as follows: 

Mercury . . . C X 10“’coulombs/cm.* 

Silver, freshly etched 


with HNO3 

310 

Amalgamated silver 

7 

Bright platinum foil 

13 

Platinized platinum 

11,000 

Polished nickel 

58 

Rolled nickel 

21 

Nickel activated by 


alternate oxidation 


and reduction . 

176 


(iii) What inferences do you draw from these figures ? 


Bowden measured the potential at which hydrogen is dis¬ 
charged at a mercury cathode from N/5 sulphuric acid at 
varying cun*ent densities and temperatures; similar experi¬ 
ments were also carried out for the discharge of oxygen at 
a platinum anode from the same electrolyte. The following 
results are derived from the graphs in Bowden’s paper: 


Hydrogen discharge at mercury 


hirrent density 

Potential on saturated 

{amps./cm,^) 

calomel scale {volts) 


273° K. 

l'71xl0-« 

-1010 

515 

-1*064 

20-6 

-1*128 

4M 

-1*166 


345° K. 

12-9xl0-« 

-0*914 

411 

-0*985 

910 

-1*044 

367 

-1*120 
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Oxygen discharge at plaiinmn 


Current density 

Potential on saturated 

{amps.! cm 

calomel scale (volts) 


273" K. 


+ 1*501 

3-98 

r 1*550 

40-6 

+ 1*640 

424 

+ 1*749 


351" K. 

14*4 X 10"« 

-M*32() 

123 

1*454 

1000 

1*000 


The reversible potentials of the hydrogen and oxygen 
electrodes on the saturated calomel scale are about 0-3 volt 
and +0*9 volt respective!}". 

(iv) What inferences may be drawn as to the relationship 
between current density, potential, and temperature for the 
two discharge processes ? 

NOTE: Those experiments of Bowden and Rideal discussed by 
Dole, chap, xxviii, and a diagram of their experimental arrangement 
will be found in the same place. A striking feature is the essential 
similarity of the current density-voltage relationships for h 5 ^drogen 
and oxygon evolution, which extends over a wide range of electrode 
metals. A theoretical interpretation of Bowden’s results in terms of 
quantum mechanics has been suggested by Gurney (Proc, Pay. Soc, 
A, 1931, 134, 137). For a n'vit'w of recent developments in this field 
s(‘e F. P. Bowden and J. X. Agar, Annual Reporls of the ('lanuical 
Society, 1938, 35, 90. 


1054 
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PROBLEM 73 


The electrolytic separation oj deuterium 

Kxperiiiiental data taken from results obtained in Oxford. 

The i)referential discharge of the lighter isotope of hydrogen 
when aqueous solutions are electrolysed proceeds according 
to the equation dlnHadlnD, 

where H and I) represent the relative numbers of atoms 
of hydrogen and deuterium present in the electrolyte, 
and a is a constant (apparently very sensitive to the con¬ 
ditions of electrolysis) called the electrolytic separation 
coefficient. 

oM6 gm. of a solution made up by dissolving 1*16 gm. of 
sodium hydroxide in deuterium-enriched water of specific 
gravity 1*001120 were electrolysed between a nickel anode 
and an iron cathode until the solution was reduced in weight 
to 14*30 gm. The final solution was saturated with carbon 
dioxide (to facilitate distillation and—approximately—to 
restore the isotope ratio of the oxygen in the solution) and 
distilled. The specific gravity of the distillate, as measured 
by the temperature at which a small glass bulb just floated 
in it, was 1 *003005. The specific gravity of pure deuterium 
oxide is 1*1074, and the specific gravity of water may be 
assumed to vary linearly with its deuterium content, the 
specific gravity of deuterium-free water being 0*999981. 

Neglecting errors due to loss by evaporation and spray, 
A\ hich were minimized by cooling the electrolytic cell and the 
use of a reflux condenser for the electrolytic gas, calculate 
the value of cx at an iron cathode under the conditions of 
experiment. 

Urey anti Teal, Hei\ Modern Physics, 1935, 7, 34; A. Farkas, Light 
and Heavy Hydrogen (Cambridge, 1935), Part II, chap. ii. 

NOTE: Tlie deuterium content of the original D-rich water should 
first be calculated from its specific gravity and then corrected for the 
julditioJi of th(' sodium hydroxide (whose deuterium content may be 
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neglected). The result combined with the deuterium content of the 
final product and the loss in weight by electrolysis may be substituted 
in the integrated form (st^e the note on Problem 74) of the equation 
defining the separation coefficient to calculate the latter. 


PROBLEM 74 


The deuterium content oj ordinary water and the 
electrolytic separation oj the oxygen isotopes 


Johnston, J, Arner. Chem. Soc.^ 1935, 57, 484, 2737. 


Fifty litres of water were reduced by five successive stages 
of fractional electrolysis to a final light fraction of 45 c.c. 
Iron electrodes were employed and at each stage of the 
electrolysis 25 per cent, of the electrolyte was decomposed; 
the electrolytic gases thus produced were dried and recom¬ 
bined, and the 25 per cent, of 'light water’ from each stage 
served for the preparation of the electrolyte for the subse¬ 
quent stage. 

The gradual fall in specific gravity is recorded in the fol¬ 
lowing table: 


Product of 
stage 

1 

2 

3 

4 

5 


Fall in specific gravity 
(parts per million) 
lG-7 
221 
23-9 
25*4 
27-4 


(i) If the electrolytic separation coefficient for deuterium 
of the iron cathodes used in the experiment may be taken 
as 8, and if 1/4,000 may be taken as the maximum plausible 
value for the D/fi' ratio in ordinary water, what is the maxi¬ 
mum value of the D\B. ratio in the product of the third stage 
of electrolysis ? 

(ii) What increment in specific gravity would such a deuter¬ 
ium content produce in pure protium oxide ? 

(iii) If the fall in specific gravity after the third stage may 
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be attributed exclusively to the accumulation of 0^® at the 
expense of 0^® (the j^resence of 0^’ being neglected), estimate 
by graphical extrapolation the specific gravity of water 
free from deuterium but containing the normal proportion 
of oxygen isotopes, and hence calculate the DjH ratio in 
ordinary water. 

(iv) With the same assumptions, and adopting the value 
of 514 for the ratio ()^®/0^® in ordinary water, calculate the 
value of the electrolytic separation coefficient of these two 
isotopes of oxygen at an iron anode. 

(v) From the last result, calculate the volume of water 
which must be electrolysed in order to produce water with 
double the normal concentration of the heavy isotope of 
oxygen. 


NOTE: (i) For the definition of the electrolytic separation coefficient 
see the preceding problem. It is most useful in its integrated form: 

(D initial\« (H initial i i i x * xi, 

l iJ final / ~ I final / symbols relate to the composi¬ 

tion of the electrolyte. 

(ii) The variation of specific gravity with deuterium content may 
bo taken as linear. 


(iii) For the purpose of this extrapolation, the fall in specific 
gravity may bo plotted against the number of electrolyses. 

(iv) In calculating the oxygen enrichment from density changes 
it may be assumed that HJ has the same molecular volume as 
H.J O'®. The separation coefficient is readily calculated by means of 
the expression 

/O'® initial\“~' /O^® initial\ //O'® final\ 

V lo^nlti^// lo'sliiS/' 


w here tho symbols relate to the composition of the electrolyte^ bearing 
in mind that for a low separation coefficient, such as that of oxygen, 

O'® initial . . , ^ , . . . , , « , 

~~ ^ ~ final ^ virtually the same as tho ratio of the initial and final 


weights of w'ater. 
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IX. KINETICS OF THERMAL 
REACTIONS 

PROBLEM 75 

The molecular statistics of the catalytic 
decomposition of ozone 

Strutt, Proc. Roy, Soc. A, 1912, 87, 302. 

In one of the earliest applications of molecular statistics to 
chemical kinetics Strutt investigated the catalytic decom¬ 
position of ozone by a silver oxide surface. When air at a 
pressure of a few millimetres is passed through an electric 
discharge, the issuing gas emits a yellowish glow due to the 
interaction of the ozone and nitric oxide formed. The 
luminosity is completely extinguished by passage through 
an oxidized silver gauze which destroys the ozone. Strutt 
passed air successively through a discharge tube and an 
oxidized silver gauze and adjusted the rate of flow until the 
glow was just destroyed by the gauze. In two experiments 
with a piece of gauze 0*0369 cm.^ in surface area he found 
that with a rate of flow of 264 c.c. per second at 3*5 mm. 
pressure the glow was reduced to about a quarter of its 
former intensity, whereas at 141 c.c. x)er second and 3 mm. 
pressure the glow was completely extinguished. 

From the kinetic theory it is known that the mass of gas 
striking an area A in one second is i\puA, where p is the 
density of the gas and ii is its root mean square* molecular 
velocity. 

Taking the temperature of the experiment as 290° K., 
estimate the ratio of the number of collisions of ozone 
molecules with the gauze to the number of ozone molecules 
destroyed. 

Hinshelwood, chap. i. 

NOTE: The ozone concentration may bo regarded as proportional 
to the glow intensity; the ratio to be calculated involves no informa¬ 
tion as to the initial concentration of ozone. In the original paper the 
area of the gauze is misprinted. 
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PROBLEM 76 


The distribution of molecular velocities 

The number of molecules in a perfect gas having velocities 
between c and c+dc is given by the equation 


c+<fc 



w here N is the total number of molecules and (x is a constant 
equal to the most probable velocity. Putting rc = c/a the 
equation may be rewritten 

- ^x^e--'dx. 

\TT 

(i) Plot the curve for the velocity distribution of 1,000 
molecules with the aid of the second equation. 

(ii) By cutting out and weighing portions of the graph, 
find the number of molecules with more than twice and two 
and a half times the most probable velocity respectively. 

Hinshelwood, chap. i. 

NOTE: This calculation provides an extremely simple case of the 
distribution of an assemblage of molecules among a series of energy 
states. Such distributions are of fundamental importance in chemical 
kinetics since rates of reaction are determined, inter alia^ by the 
number of molecules with exceptionally high energy in the system. 
In the present problem only translational energy is concerned; in 
chemical kinetics the distribution of internal (e.g. vibrational) energy 
must also be taken into account and the distribution law is less 
simple. 

The results of the graphical integration in (ii) may be compared 
with the results of mathematical integration with the aid of tables 
of the probability integral 

J dx, 
u 
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PROBLEM 7 7 


The distribution of energy in bimolecular 
collisions 

Hinshelwood, chaps, i and iii. 

The energy of activation of a thermal reaction is 44,000 
calories. 

(i) Calculate the proportion of bimolecular collisions at 
600"^ K. in which the energy of ‘head-on’ collision (i.e. 
distributed between one degree of freedom of translational 
motion in each molecule) exceeds the energy of activation. 

(ii) Calculate the proportion of bimolecular collisions at 

600° K. in which the energy in one vibrational degree of 
freedom in one molecule exceeds and that in the other 
exceeds Eo, where — 44,000 calories. 

(iii) Calculate the proportion of bimolecular collisions at 
600° K. in which the vibrational energy shared between one 
degree of freedom in each molecule exceeds 44,000 calories 
irrespective of the way in which it is distributed (i.e. with 
a contribution from zero upwards from either molecule). 

(iv) Calculate the proportion of bimolecular collisions at 
600° K. possessing energy greater than 44,000 calories distri¬ 
buted between 6, 12, and 18 quadratic terms respectively. 

NOTE: The proportion of bimolecular collisions fulfilling certain 
energy conditions is a fundamental consideration in the collision 
theory of chemical kinetics. This proportion varies according to the 
assumptions that are made as to the way in which the energy must 
be distributed between the various degrees of freedom of the colliding 
molecules. This problem includes the various possibilities »vhich may 
be significant in kinetics. These possibilities are discussed in the 
two chapters of Hinshelwood cited. It should be realized that the 
expression used where a large number of quadratic terms is con¬ 
cerned is an approximation gbtained by taking only the first term of 
a series. 
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PROBLEM 78 


The thermal decomposition of nitrous oxide in the 
gaseous phase 

Hinshclwood and Burk, Proc, Roy. Soc. A, 1924, 106, 284. 

The thermal decomposition of nitrous oxide was measured 
manometrically and shown to be independent of the volume/ 
surface ratio of the reaction vessel. 

The following table gives the time of half-change at 
1,030° K. and various initial pressures: 


Initial pressure 

Half-lije 

(mm.) 

(sec.) 

52-5 

860 

130 

470 

290 

255 

360 

212 


The next table gives the variation of half-life with temi>era- 
ture: 


Temperature 

Initial pressure 

Half-life 

CK.) 

(mm.) 

(sec.) 

1085 

345 

53 

1030 

360 

212 

967 

294 

1520 


(i) What is the order of the reaction ? 

(ii) Calculate the velocity constant in mole/litre/second 
units at each temperature. 

(iii) Evaluate graphically the energy of activation corrected 
for the variation of molecular velocity with temperature. 

(iv) Compare the energy of activation, thus obtained, with 
that derived by the application to the observed velocity con¬ 
stant at 1,030° K. of the equation: 

No. of molecules reacting 

== No. of molecules colliding x 
where is the energy of activation. 

The diameter of the nitrous oxide molecule is found from 
viscosity measurements to be 3*32 A. 
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NOTE: Sirico tlii« reaction proceeds at a relatively high teinporaturo 
the correction for the variation of molecular velocity (and therefore 
of collision rate) with temperature must be applied to the heat of 
activation; the correction is described in Hinshelwood, chap. iii. 
In the same chapter an approximate correction factor of 2-5 to bo 
applied to the collision number is also described; this arises from 
the (opposing) effects of the abnormally high velocity of activated 
molecules and the orientation of molecules in a fruitful collision. 
The equation quoted in (iv) is the simplest possible expression for 
the reaction velocity; a number of real examples are fairly well 
expressed by it. 

That the thermal decomposition of nitrous oxide is less simph^ 
than was originally supposed is illustrated by plotting the reciprocal 
of the half-life against the initial pressure and extrapolating back to 
zero pressure. As with many other gas reactions, later investigations 
have revealed progressive stages of complexity. Thus, for example, 
Musgrave and Hinshelwood (Proc, Roy, Soc. A, 1932, 135, 23, and 
137, 26) showed catalysis of the reaction by nitric oxide and halogens; 
they and also Hunter (ibid., 1934, 144, 386) have shown from curves 
representing the variation of half-life with pressure that there must 
bo several distinct modes of activation. 


4UwJ 
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PROBLEM 79 


The thermal decomposition of nitrous oxide on gold 

Hinsholwood and Prichard, Proc, Boy. Soc. A, 1925, 108, 211. 

The decomposition of nitrous oxide at the surface of an 
electrically heated gold wire was measured manometrically 
with the following results: 


Temperature 

j Initial • 

pressure 
(mm.) 

Thne ' 
(min.) 

Percentage 
decomposi- 
I tion 

990^^ C. 

200 

30 

32 

>> 

>> 

53 

' 50 

- 


100 

73 

1 


At the same temperature and at an initial pressure of400 mm. 
the time of half-change was 52 minutes. 

The average velocity constant at three temperatures is 
given below: 

Temperature 

C^C.) Vclocity consta n t 

834 00000428 

938 0000123 

990 0000221 

Find (i) the order of reaction, and (ii) the mean energy of 
activation; compare them with the corresponding quantities 
for the homogeneous reaction (cf. Problem 78). 

Hinshelwood, chaps, viii and ix. 

NOTE: The kinetics of the decomposition on a gold surface may bo 
contrasted with the behaviour on platinum. (Hinshelwood and 
Prichard, J. Chem. Soc.y 1925, 127, 327.) 
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PROBLEM 80 


The cis-trans isomerization of methyl cinnamate in 
the gaseous phase 

Kistiakowsky and Smith, J. Amer. Chem. Soc,^ 1935, 57, 269. 

The kinetics of the isomerization of cis-methyl cinnamate was 
studied in the gaseous state, the extent of conversion into 
the trans-form being determined by the melting-point of the 
product. The following are selected results: 


Temfyerature 

Pressure 

Time 

j Per cent. 

; irans- 

{°K.) 

(mm.) 

(sec.) 

1 formation 

635 

565 

3,660 

j 59*6 

635-5 

308 

3,210 

j 51*6 

637 

72 

4,170 

j 60-4 

635*5 

71 

3,798 

I 59-4* 

601*0 1 

69 

i 

10,170 

j 28-0* 

i 

564*5 

80 j 

89,580 

26-2 


The experiments marked * were made in a bulb packed so 
as to increase the surface six-fold. 

Make all the inferences you can from these data as to the 
qualitative and quantitative characteristics of the reaction. 

NOTE: The cryoscopic method of following the course of this reaction 
is somewhat unusual in the study of the kinetics of gas reactions. 
From the data it may be inferred whether the reaction is homogeneous 
or lieterogeneous, what is its order and heat of activation. 

The quantitative characteristics of the reaction are most concisely 
expressed by an equation of the form 
velocity constant = 
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PROBLEM 81 


The thermal decomposition oj ammonia on 
tungsten and platinum 

Hinshelwood and Burk, J. Cfiem. Soc., 1925, 127, 1105. 
Tungsten, 

The following figures relate to the decomposition of 
ammonia on an electrically heated tungsten wire at 856° C. 


Initial 
composition 
of mixture 1 

100 mm. 
NH, 

100 mm. NHg 
100 mm. Hj | 

200 mm. 

NHj 

Time 

(sec,) 

mm. of ammonia decoynposed 

100 

13-5 

14 

14 

200 

23-5 

24-5 

27 

300 

33-5 

34-6 

38 

400 

42-6 

44 

48-5 

500 

51 

52-5 

59 


Platinum, 

The following figures relate to similar experiments with 
an electrically heated platinum wire at 1,138° C. 

(а) Initial composition: 200 mm. NHg. 

Time (sec.) 10 60 120 240 360 720 

mm. NH, decomposed 28 56 72 89 100 120 

(б) With 100 mm. initial pressure of ammonia, 50 mm. 
decomposed in 180 seconds. 

(c) When excess hydrogen was admitted initially to 
100 mm. of ammonia, the pressure of ammonia decomposed 
in 120 seconds with varying pressures of hydrogen was as 
follows: 

Ph, (nun.) 50 75 100 

d^onnposed in 120 sec. 33 27 16 
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What conclusions can be drawn as to the mechanism of 
the decomposition of ammonia at the surface of the two 
metals ? 

Hiiishclwooti, chaps, viii and ix. 

NOTE : The contrast between the kinetics at the two metal surfaces 
is characteristic of heterogeneous catalysis; a further contrast is 
provided by comparing the above data for a tungsten surface with 
those obtained by Frankenburger and Hodler {Trans. Faraday Soc.. 
1932, 28, 229) with ‘active’ tungsten at lower temperatures. 
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PROBLEM 82* 


The kinetics oj the reaction between nitric oxide 
and hydrogen 

Hinshelwood and Green, J. Chem, Soc., 1926, 730. 

Nitric oxide reacts with hydrogen in the region of 1,100° K., 
the ultimate result of the interaction being expressed by the 

equation: 2 NO+ 2 H 2 = N 2 + 2 H 2 O. 

The reaction may be followed manometrically and was 
investigated in a silica bulb with the following results. 


Equimolecular amounts of nitric oxide and hydrogen. 


The time of half-change {ti) at various initial pressures (a) 
of each gas was measured at 826° C. with the following 
results: 


a 

h 


(acc.) 

354 

81 

340-5 

102 

288 

140 

202 

224 


(i) Calculate the order of the reaction. 


Influence of pressure of the separate gases. 

The initial rate of reaction for varying proportions of the 
two reactants was found by plotting reaction curves and 
drawing tangents. These experiments also relate to 826° C.:— 


mm. 

Pno j 
mm. 1 

Rate of 
reaction 
mm.! 100 sec. 

400 

359 

150 

400 

300 

103 

400 

152 

25 

1 

289 

400 

i 160 

205 

400 1 

110 

147 

400 

79 
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(ii) Calculate the order of the reaction with respect to 
each reactant. 

(hi) Calculate the average velocity constant in mm./sec. 
units from the data for equimolecular proportions. 

(iv) Calculate the velocity constant in the same units from 
the following data: 


P^x I h 
mm, mm. | (acc.) 


402 201 I 46 

232 I 313 I 152 


(v) Can the deviation from a whole number of the total 
order of reaction found in (i) be connected with the fact that 
the addition of powdered silica to the bulb caused a slight 
increase in the reaction velocity ? 

The velocity constant (in mole/litre/second units) at a 
series of temperatures was as follows: 

T (^C.) 826 788 751 711 
k 476 275 130 59 


(vi) Calculate the heat of activation. Compare your 
results with the value of 60,000 calories which would be 
expected for a bimolecular reaction proceeding with the same 
speed at the same temperature. 


NOTE : A reinvestigation of this reaction, together with the analogous 
reaction with deuterium, by Hinshelwood and Mitchell (J. Chem, iSoc,, 
1936, 378) has shown a number of complexities previously un¬ 
suspected. The fact that the graph of rate against hydrogen pressure 
does not pass through the origin is now intori>reted as mainly duo, not 
to surface reaction, but to binary collision complexes of varying life. 
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PROBLEM 83 


The kinetics oj the para -* ortho-hydrogen conversion 

A. Farkos, Orthohydrogen^ Paruhydrogen and Heaiij Hydrogen 
(Cambridge, 1935), part i, chap. iv. 

Between 600° C. and 800° C. para-hydrogen is converted 
into the equilibrium mixture of ortho- and para- forms at a 
rate independent of the surface-volume ratio of the siUca 
reaction vessel. A. Farkas investigated the kinetics of the 
reaction by measuring the thermal conductivity of the gas 
at intervals. 

At a given pressure the rate of conversion may be expressed 
by the equation _ 

— UqC , 

where Uq and represent the percentage excesses of })ara- 
hydrogen over the equilibrium percentage (25 per cent.) at 
the beginning of the conversion and at time t respectively. 
At 923° K. the following values of k were obtained at a 
series of pressures: 


Pressure 

k 

(mm,) 

(reciprocfil second u/iifs) 

50 

0-00106 

100 

0-00153 

200 

000217 

400 

0-00310 


(i) Calculate the order of the reaction. What mechanism 
does the order suggest ? 

is the quotient obtained by dividing k by the atomic 
hydrogen concentration, calculated from thermodynamic 
data; for this quantity Farkas obtained the following values 
over a temperature range: 

T k* (molejlipejsecond units) 

873 1*37 Xl0» 

973 2 00xl0» 

1023 2-38x10® 

(ii) Calculate the heat of activation of the process 

H+P-H2->o-H2+H. 
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Cf. Farkas, Z, Phys, Cliem, 13, 1930, 10, 419. 

NOTE: The kinetic data of this problem provide miequivocal 
evidence of the mechanism of the paraortho-hydrogen conversion, 
which is a reaction of great theoretical interest (see Farkas’s book, 
chap, iv); in particular it was the subject of one of the earliest 
a priori calculations of reaction velocity by Eyring and Polanyi 
(cf. Hinshelwood, chap, iii, or Glasstone, chap. v). 


4064 
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PROBLEM 84* 


The statistics oj the reaction oj atomic chlorine 
tvith hydrogen 

Rodobiish and Klingelhoefer, J, Awer, Chcm. Soc., 1933, 55, 130. 

Chlokine was passed through a high-frequency electrodeless 
discharge and the partially dissociated gas was mixed with 
hydrogen and streamed through a thermostated reaction 
bulb. At the far end of the bulb a piece of silver foil stopped 
the reaction by its very effective catalysis of the recombina¬ 
tion of chlorine atoms. The degree of dissociation of the 
chlorine from the discharge tube was measured by means of 
a Wrede diffusion gauge. The jwoducts of reaction were 
analysed by freezing out the chlorine and hydrogen chloride 
in liquid-air traps and titrating with standard thiosulphate 
and alkali respectively. The following data relate to a 
typical run: 


Vohinu' of j-eac‘lio!i bulb 
TVessiiiv in reaction bulb 
IVinperaturc' of reaction bulb . 
Rato of hydrogen flow 
Kate of chlorine flow (calculated 
as Cljj) .... 
P('rcentage dissociation of 
chlorine 
Length of run 

Tliiosulphate litre of product . 
Alkali litre of product 


10 c.c. 

0*340 min. 

O'^'C. 

0*3 c.c./minute \ calculated for 
J gases at 

91 c.c./minute j N.T.P. 

11 per cent. 

10 minutes 

36*5 c.c. of 0*20 N solution 
9*1 c.c. of 010 N solution 


Assuming that the reaction Cl-fHg = HCl+H is always 
followed by the much faster reaction = HCl-f Cl, and 

that the diameters of atomic chlorine and molecular hydro¬ 
gen are 2-97 A. ( = the diameter of the argon atom) and 
2*39 A. respectively, calculate: 

(i) the average number of molecules of hydrogen chloride 
formed for each chlorine atom introduced; 

(ii) the average number of collisions with hydrogen 
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undergone by each chlorine atom in the reaction 
vessel; 

(iii) the probability of a collision between a chlorine atom 
and a hydrogen molecule resulting in reaction. 

Hinshelwood, chap. ii. 

NOTE: Since thf? rate of flow of chlorine* is expres8(‘d as cnbie 
contimetn'S of molecular chlorine, correction must made for its 
11 per cent, dissociation in calculating both the time* sp('nt by th(j 
gases in the reaction bulb and the partial pressures of the gases in 
tho bulb. There is an error in the table at the top of p. 137 of the 
original paper, since tho alkali titration must refer to tho total run 
and cannot refer to one minute of it. The change of the concentration 
of hydrogen during reaction is to be negketed. 

Tho original paper may be consulted for other observ'ations, such 
as tho (very small) effect of added moisture and oxygen, which are 
of importance in connexion with tlie general pjobh'in of the hydrogen- 
chlorine combination. Tho lesser fruitfulness of tlie collision process 
of chlorine atoms with deuterium molecules is of interest (of. Farkns, 
Light and Hoavg Hydrogen^ ])art ii, chop, iv, or Ih’ey and Teal, liar. 
Mod. Phy.^., 1935, 7, 34). 
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PROBLEM 86* 


The thermal decomposition oj dimethyl ether 

Hinshelwood and Askey, Proc. Boy. Soc. A, 1927, 115, 216. 

The decomposition of gaseous dimethyl ether, proceeds 
according to the stoichiometric equation: 

(CHa)^© - CH4 +H2+CO. 

The rate of decomposition was measured manometrically and 
shown to be independent of the surface-volume ratio of the 
reaction bulb. 

The table below gives the pressure-time data for two 
individual experiments (a being the initial pressure and x the 
increase in pressure): 

T = 504° C. T = 562° C. 

a == 312 mm. a = 420 mm. 


Time 

(min. sec.) 

i ^ 

j (mm.) 

Time 

(min. sec.) 

X 

(m/m.) 

C 

30 

i 96 

1 

54 

323 

12 

57 

i 176 

3 

39 

634 

19 

55 

1 260 

4 

59 

034 

62 

35 

j 467 

9 

24 

778 

CX) 

619 

00 

838 


(i) Find the order of the reaction. 

(ii) Calculate the mean velocity constant at both tem¬ 
peratures. 

(iii) Calculate the energy of activation. 

At lower pressures the time for a given fraction of the 
ether to decompose ceases to be independent of the initial 
pressure. The time for 31 per cent, decomposition at various 
initial pressures and 504° C. is tabulated below: 


a 

^31 

% 

a 

^ 31 % 

(mm.) 

(min. 

sec.) 

(mm.) 

(min. 

sec.) 

894 

8 

17 

321 

10 

25 

686 

8 

4 

261 

11 

10 

422 

8 

28 

160 

16 

0 

394 

9 

50 

; 58 

25 

0 
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(iv) How is this phenomenon to be interpreted ? 

(v) Taking the molecular diameter of dimethyl ether as 
6 A., estimate the approximate numbers of energy terms 
among which the energy of activation is distributed. 

Hinsholwood, chap, v; Kassel, Kinetics of Homogeneotis Gas 
Reactions (New York, 1932), chaps, v and x. 

NOTE: In (v) the calculation of the number of ‘square terms’ among 
which the activation energy must be distributed is most conveniently 
carried out in the manner described by Hinshelwood (loc. cit.). 
This involves the simplifying assumption that the probability of 
transformation of an activated molecule is independent of the excess 
of energy whicli it possesses over the minimum necessary for activa¬ 
tion. If the probability increases with the excess of energy, which is 
physically more plausible, the relation between velocity constant 
and pressure is a much more coinplicated one. Rice and Ramsperger 
(/. Amer. Chem. Soc.^ 1927, 49^ 1617 and 1928, 50, 617) and Kassel 
{J. Phys. Chem., 1928, 32, 225) have carried out the necessary 
calculations, but it is a matter of opinion whether the experimental 
material so far accumulated is sufficiently precise to warrant such 
refined analysis. For the part played by ‘chains’ in this reaction see 
8 tnveley and Hinshelwood (Proc. Roy. Soc. A, 1937, 159, 192). 
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PROBLEM 86 


The acid hydrolysis oj methyl acetate 

XowJing and Hinshelwood, J. Chem. Soc., 193G, 1357. 

The rate of hydrolysis of esters in the presence of strong acids, 
which is readily followed by titration, is reversible and pro¬ 
ceeds according to the differential equation: 

~ (a—[Acid] (x)^, 

(it 

where (a—x) is the concentration of ester and x that of each 
of the reaction products at time t \ [Acid] is the concentra¬ 
tion of strong acid present. 

In aqueous acetone at 80*2° C. methyl acetate initially 
0-05 N was 90-0 per cent. hydrol 3 \sed at equilibrium. The 
following results were obtained for the rate of hydrolysis 
in the presence of 0-05 N HCl: 


Time 

Percentage 

(secs.) 

hydrolysis 

1,350 

21*2 

2,070 

30-7 

3,060 

43*4 

5,340 

59*5 

7,740 

73*45 


(i) Integrate the differential equation so as to obtain an 
expression for the velocity constant of the forward reaction 

in terms of the equilibrium constant K, the initial con¬ 
centration of ester a, the concentration of hydrochloric acid, 
and the value of x at time t. 

(ii) Hence evaluate a series of values of Aq in mole/litre/ 
second units. 

J, W. Mellor, Chemical Statics and Dynamics (London, 1904), chap. i\\ 

NOTE: This is a simple example of the analysis of the kinetic data 
of a reversible reaction. When the kinetic equation is rearranged for 
integration it will be found to correspond to a well-known standard 
form of integral. The integration constant is evaluated, as usual, by 
inserting the condition that x ~ 0 when ^ = 0. I am indebted to 
Professor Hinshelwood for the detailed data of the problem. 
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PROBLEM 87 


The hydrolysis oj ethyl bromide with alcoholic potash 

Grant and Hinshclwood, J. Chein. iSoc., 1933, 258. 

The rate of reaction between ethyl bromide and potassium 
hydroxide in ethyl alcohol solution was measured at various 
temperatures by heating the reactants together in sealed 
tubes for varying lengths of time and titrating the residual 
alkali. 

The following table gives the birnolecular A^elocity constants 
in mole/litre/second units at various temperatures: 


T CC.) 

A-x 10^ 

15-83 

0-0237 

32*02 

0182 

59-iry 

3-31 

90-61 

52*8 


(i) Evaluate graphically the energy of a(‘tivation. 

(ii) Hence calculate for C. the liypothetical velocity 

constant corresponding to the number of collisions between 
hydroxyl ions and molecules of ethyl bromide, having the 
necessary energy of activation. The mean diameter of the 
reactant molecules may be taken as 4 A. 

(iii) Estimate the effect on the calcailated velocity constant 
of an error of 500 calories on the heat of activation. 

Moelwyn-Hiighe.s, chap, 

NOTE: In calculating the collision number it should be realized that 
the gas constant must be expressed in ergs. The result of (iii) 
illustrates the sensitiveness of the calculated reaction rate to small 
errors in the heat of activation. 

The rate of a birnolecular reaction may be written as rZe~^i^^, 
where Z is the collision number, E the activation energy, and P is a 
factor independent of temperature. For a discussion of possible 
reasons why P should tend to be near unity in reactions involving 
an ion, two recent papers by Hinshelwood (J. Chem. Soc.^ 1935, 1111) 
and Hinshelwood and Winkler (ibid., 1936, 371) may be consulted. 
See also the note on Problem 88. 
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PROBLEM 88 


The effect of aromatic substitution on 
reaction velocity 

Williams aiid Hinshelwood, J. Chem. Soc., 1934, 1079. 

While investigating whether the effect of substituents on 
the velocity of organic reactions is due primarily to a change 
in the energy of activation or to other factors, Hinshelwood 
and Williams measxired the rate of reaction between aniline 
and benzoyl chloride in benzene solution and also the 
corresponding rates between substituted anilines and sub¬ 
stituted benzoyl chlorides. The following table gives the 
velocity constants in mole/litre/second units for various 
pairs of reactants at various temperatures: 


Reactants 

^6“ c. 

^40* C. 

^’ioo*c. 

Aniline+p-nitro-benzoyl chloride 

0-286 

0*871 


Anil ine-f-benzoyl chloride . 

0-0308 

0*122 


p -nitraniline -h benzoyl chloride . 


! 0*000110 

000253 


(i) Find the energy of activation of each reaction. 

(ii) Compare the observed rate of reaction at 40*^ C. with 
the number of collisions having the necessary energy of 
activation; for the purpose of this calculation the mean 
diameter of all the molecules may be taken as, say, 6 A. 

(iii) Do the experimental results suggest that substituents 
affect the rate of reaction by changing the heat of activation 
or by changing other factors which are not involved in the 
exponential term? 

NOTE : The velocity constant, k, of a bimolecular reaction may bo 
expressed in the form 

ICfiNk = 

where N is the Avogadro number, the exponential term has its usual 
signihcance, is the collision number between the two kinds of 
molecule, and P is the quantity sometimes called the phase-factor and 
is regarded as being determined by orientation conditions, quantum- 
mechanical restrictions, and other temperature-independent quanti¬ 
ties, If different pairs of reactants are considered at the same 
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temperature, the collision number will be inversely proportional to 
the square root of the reduced mass {M) of the reactants (since the 
collision diameter will vary little from one pair of substituted reactants 
to another) and we may therefore write 

2-303 logio^*-^^ — logi oP-f constant— 

If P does not vary much from one pair of reactants to another we 
should expect to find that 

2-3031ogioA;.M* = constant —P/PT. 

A graph of E against logjo at a single selected temperature 

therefore suggests itself as a possible way of answering the question 
raised in (iii). 

The particular relation between P and E obtaining in this group 
of reactions is not to be regarded as generally valid. There seems to 
be a growing body of evidence which suggests that P and E are 
probably functionally related. For a general discussion of ‘P factors* 
see Hinshelwood (J. Chem, Soc., 1935, 1111), Hinshelwood and 
Winkler (ibid., 1936, 371), and Fairclough and Hinshelwood (ibid., 
1937, 538). The graphical survey provided by Figures 1 and 2 of 
the paper of Hinshelwood and Winkler places the results of the present 
problem in a truer perspective. The ‘transition state’ theory of 
reaction velocity developed by Eyring and Polanyi approaches the 
matter from a different point of view and is of considerable interest; 
for a survey of the theory see S. Glasstone, Recent Advances in General 
Chemistry (London, 1936), chap, vii, and also discussions by the 
Chemical Society (J. Chem, Poc., 1937, 629, 635) and the Faraday 
Society (Trans, Faraday Soc,^ 1938, 34, 1); the latter discussion 
contains much material relevant to the rapidly developing subject 
of this problem. 


4004 
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PROBLEM 89 


The primary salt effect in reactions of the 
cobaltammines 

Bronsted and Livingstone, J. Amer. Cheni. Soc.y 1927, 49, 436. 
Below are tabulated the results of velocity measurements 
on two ionic reactions of different valency types carried out 
ill tlie presence of varying concentrations of inert salts and 
followed colorimetrically at 15° C. 

(a) [CoBr(NH 3 ) 5 ]+ + +OH- = [CoOH(NH 3 y+ + +Br- 


Concentration 
of complex ion 
{milligratnAonsj 
litre) 

Concentration 
of In f dr ox pi ion 
{mi lligram-ions/ 
litre) 

Concentration 
of added salt 
(moJesIlitre) 

Ionic 

strength 

of 

reaction 

mixture 

Velocity 
constant 
{mole 1 litre/ 
minutes) 

0*600 

0*706 

0 

0*0025 

93 

0*600 

0*695 

(NaO) 0-0100 

0*0125 

76*5 

' 0*600 

0*696 

0*0300 

0*0325 

59-5 

o-ooo 

0-6!t6 

(BaClj) 0-0020 

0*0085 

74 

0*600 

0*696 

0*0070 

0*0235 

66 

0*600 1 

0*696 

„ 0*0100 

0-0325 

59 

(/.) 2[( Br(NH 3 ) 3 ] + + +Hg+ ++ 2 H 3 O 





= 2 [CoH 30 (NH 3 ) 3 ]^ + + +HgBr 3 

(kinetically bimolecular in 

aqueous solution) 





Ionic 


Concentration 

Concentration 


strength 

Velocity 

of complex ion 

of mercuric ions \ 

Concentration 

of 

constant 

(mi lligram -ionsf 

fmilligram-ionsi 

of added salt 

reaction 

{mole/litre j 

litre) 

litre) j 

{moles 1 litre) 

mixture 

minutes) 

0*400 

0*278 

0 

0*0022 

92 

0*400 

0*278 

(HNO3) 0*005 

0*0072 

159 

0*400 

0*278 

0-0198 

0*0220 

264 

0*400 

i 0*278 

0-0247 

0*0269 

296 

0*400 

! 0*278 

(Ba(NO,)s) 0-0050 

0*0174 

156 

0*400 

0*278 

(La(N03)8) 0*0020 

0*0145 

141 


In the first case the reactants were the perchlorate of the 
complex ion and sodium hydroxide; in the second case the 
complex perchlorate reacted with mercuric nitrate. 

For both reactions plot the logarithm of the velocity 
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constant against the square root of the ionic strength of the 
solution and compare the results with the predictions of the 
Brdnsted theory of the primary salt effect. The limiting 
equation for the variation of the activity coefficient of an 
ion of charge z in an aqueous solution of ionic strength may 
be taken as _log,o/= O-SOz V/.. 


Modwyn-Hughes, chap, vii; Bell, Ann, Rep. Chem. Soc., 1934, 31 ,07. 

NOTE: The experiments upon which this problem is based con¬ 
stituted one of the earliest tests of the Bronsted theory of tiie primary 
salt effect. Later experiments with a higher degree of precision have 
been carried out by, among others, La Mer {J. Anier. Chem. Soc., 
1929, 51, 3341) on the retuition between the bromacetate and thio¬ 
sulphate ions (vide Problem 90) and King and Jacobs (ibid., 1931, 
53, 1704) on the oxidation of the iodide ion by the persulphate ion. 

La Mer has suggested an interpretation of Bronsted’s original 
equation (Chem. Reviews, 1932, 10, 179). 
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PROBLEM 90 


A test oj the primary salt effect in dilute solution 

La Mer,«/. Amer, Cheni, Soc,, 1929^ 51 , 3341. 

The reaction 

BrCH2C00~+S203= = S203CH2C00 = +Br- 
is particularly suitable for the examination of the primary 
salt effect because it is free from side reactions, can be studied 
at high dilution, and proceeds without change of the ionic 
strength of the solution. The reaction was followed by 
adding an excess of iodine and back-titrating with standard 
thiosulphate solution; the initial normality of the two 
reactants was identical. 

The following detailed experimental data were obtained 
in Run 27. Three flasks were filled with 50-03 c.c. of each 
of the two sodium salts at 0-002 N together with 100-06 c.c. 
of boiled water. After time excess of iodine solution was 
added to each flask and the solution was back-titrated. 
The initial titre in terms of the iodine solution was 99-21 c.c. 



Time 

Iodine 


t 

used up 

Flask 

(minutes) 

(c.c.) 

1 

2112 

75 58 

2 

3356 

6602 

3 

3559 

64-80 


(i) Calculate the velocity constant for each flask in equi¬ 
valent/litre/minute units. 

Similar experiments at other concentrations led to the 
following values: 


Normality of reactants 

Velocity cc 

0000666 

0-304 

0-00100 

0-317 

0-00250 

0-354 

0-005 

0-385 


(ii) Plot the logarithm of the velocity constant against the 

(132) 



square root of the ionic strength and draw on the same graph 
a straight line having the theoretical slope of the BrOnsted 
theory. 

NOTE I See the notes on Problem 89. 

(i) Conversion to the appropriate concentration imits should not 
be overlooked. 

(ii) In calculating the ionic strength it must be remembered that 
the normality of the thiosulphate solution refers to its reaction with 
iodine; for this solution ‘normal’ — ‘molar’ (see the correction by 
La Mer, J. Anier. Chem, Soc*, 1929, 51, 3678). 
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PROBLEM 91 


The muta-rotation oj glucose 

Brdnsted and Guggenheim, J. Afner. Cheni, Soc.^ 1927, 49, 2554. 

The muta-rotation of glucose in the presence of a buffer of 
o-toluic acid and sodium o-toluate was measured in a dilato- 
meter with the results tabulated below. V and F' are the 
volume readings (in arbitrary units) after times t and {t+120) 
minutes respectively. 


t 

1 V 

F' 

0 i 

4-395 i 

6-50 

6 

4-615 

6-645 

15 

4-91 

6-60 

40 

5 63 

6-72 

82 1 

_J 

6-18 

6-835 


Verify that the reaction is unimolecular, and calculate the 
velocity constant in reciprocal minutes. 

NOTE: The experimental data lend themselves to the application 
of Guggenheim’s method (Phil. Mag., 1926, 2, 538) for the evaluation 
of the velocity constant; this method obviates the necessity of 
knowing either the starting-point or the end-point of the reaction. 
An elaborate discussion of the statistical treatment of imimolecular 
data has been given by Reed and Theriault (J. Phys. Cheni., 
1931, 35, 673 and 950). 


PROBLEM 92 

The determination of the catalytic coefficients of 
acids and bases in the muta-rotation of glucose 

Brdnsted and Guggenheim, J. Anier. Chem. Soc., 1927, 49, 2564 
(cf. Problem No. 91), 

The muta-rotation of glucose takes place slowly and spon¬ 
taneously in pure water, is slightly catalysed by hydrogen 
ions, and very strongly catalysed by hydroxyl ions. The 
velocity constant is approximately given by the equation: 

K = i:o+<;H.o+[H30+]+*oH-[OH-]. 
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where K is given in reciprocal minute units, Kq is the rate of 
spontaneous reaction, and ^HaO+ ^^oh- catalytic 

coefficients of the hydrion and hydroxyl ion respectively. 
Since i^H,o + is of the order of 0-1 while i"oH- is fh© order 
of several thousand, the rate of spontaneous reaction is most 
reliably measured in faintly acid solution. Between pH 
values of 4 and 6 neither hydrion nor hydroxyl-ion exerts an 
appreciable catalytic effect, and in this range of hydrion con¬ 
centration the reaction is therefore particularly suitable for 
measuring the feeble catalytic effect of weak bases such as 
the anions of organic acids and weak acids like the acid 
molecules themselves. 

To this end Bronsted and Guggenheim made a series of 
muta-rotation measurements in solutions sufficiently dilute 
to eliminate all aj)preciable neutral salt effects. The following 
data are selected from their results: 



Solution 

Xx 103 


(a) 

HCl xlO-^N 

5'29 



HClO.xlO-fiN 

5 23 



HClO^xlO-^N + O lN KNO 3 5-40 

HCIO 4 X 10“*N-f-0 025 N Ba(N03)2 5-30 


(b) 

HCIO 4 X 00048 N 

600 



HC104X00325N + 0-2 

N KNO 3 10 02 



HCIO 4 X 00247 N 

8-92 


(c) 

Sodium mandclate 

Mandcllc acid 



normality 

normality 

K X 103 


0050 

0*001 

5*80 


0100 

0*001 

C 38 


0125 

0001 

6*66 


0100 

0*050 

6*70 


0100 

0*100 

7*04 

(d) 

Pyridine 

Pyridine perchlorate 



normality 

normality 



0025 

0*025 

7*46 


0*050 

0*050 

9*29 


0*050 

0*100 

9*63 


0*060 

0*200 

9*39 


(i) Evaluate Kq, the velocity constant of the spontaneous 
reaction. 
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(ii) Evaluate 

(iii) Estimate the catalytic coefficients of the mandelate 
ion and the pyridine molecule (basic catalysts), those of 
mandelic acid and the pyridinium ion (acid catalysts) and 
also that of the water molecule (which may be regarded as 
the catalyst determining the spontaneous rate). 

(iv) Plot the logarithm of the catalytic coefficients of the 
various species involved against the logarithm of their 
dissociation constants (as defined by BrOnsted). 


Moelwyn-Hughes, chap, viii; Bell, Annual Reports of the Chemical 
Society, 1934, 31, 71. 


NOTE: The concentration of the water is, of course, 


1,000 
18 ’ 


its 


acid dissociation constant, by Bronsted’s definition, will be 
K X 18 

~T"ArkA"» basic dissociation constant of the conjugate base 

1,000 

[OH”] will be -. For the oxonium ion the acid dissociation 

JKtut X lo 

. 1,000 ^ , 

constant is .. and the basic dissociation constant of the con- 


18 

jugate base, water, will be 


18 

1,000 


Under the same convention the acid 


dissociation constants of the mandelic acid molecules and the pyri¬ 
dinium ion are 4-3 X 10”* and 3*5 x 10”* respectively. 

The logarithmic (or exponential) relationship between catalytic 
constant and dissociation constant has been widely discussed, but 
its interpretation is not yet fully understood. (Cf. Hammett, Chem. 
Reviews, 1935, 17, 125.) 
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X. PHOTOCHEMISTRY 


PROBLEM 93 

The isomerization of ortho-nitro-benzaldehyde by 

light 

Woigert and Brodmann, Trans. Faraday Sac., 1925, 21, 453. 

In ultra-violet light ortho-nitro-benzaldehyde isomerizes to 
ortho-nitroso-benzoic acid; the course of the reaction in 
acetone solution may be followed by conductivity measure¬ 
ments. Weigert and Brodmann followed the change in 
monochromatic light of wave length 366 from a mercury 
lamp. The intensity of radiation was measured by a bolo¬ 
meter which had been calibrated against a Hefner candle. 
In the experiments outlined below all the incident radiation 
was absorbed by the reactant mixture. 


Volume 

of 

reaction 

Radiated 

Incident 
radiation 
per cm,- 

Time of 

Initial 
cone, of 

Cone, of 
acid 

vessel 

surface 

sec. 

illumination 

aldehyde 

formed 



; {hr. min.) 

fpyi.jlOO c.c. 

gm,./100 c.c. 

16 

15 

\ 2-72 1 

1 

0 

0*5 

0-0097 

15 

15 

2-G4 

3 

40 

0-2 

0-0381 


Calculate the quantum efficiency of the reaction. 


G. B. Kistiakowsky, Photochemical Processes (New York, 1928), 
chap, ii; Rollefson and Burton, chap. ix. 

NOTE: There is slight confusion in the original paper regarding the 
tabulation of the experimental data. Concentrations which must be 
grammes per 100 c.c. are described as ‘grammes per cent.’ 


4054 


( 137 ) 


T 






PROBLEM 94 


The photochemical oxidation of phosgene 

Rollefson and Montgomery, J, Amer. Chem. Soc., 1933, 55, 142 
and 4025. 

Rollefson and Montgomery studied the direct photo¬ 
chemical oxidation of phosgene by oxygen in the light of 
the quartz mercury arc. The net reaction is 
2COCI2+O2 = 2CO2+2CI2 

and its course may be followed manometrically. They showed 
that the rate of reaction was directly proportional to the 
phosgene concentration and to the light intensity. At higher 
oxygen pressures the rate was independent of the oxygen 
concentration, but at lower pressures the rate fell off gradually 
with the oxygen pressure. Experiments with varying initial 
pressures of oxygen and chlorine showed that the rate was a 
function of the chlorine/oxygen ratio and that all the kinetic 
data were adequately represented by the equation 
d(CO^) kloiCOC]^) 
dt “ l+F(Cl2/02y 

where is the intensity of the incident radiation, which was 
only feebly absorbed under the conditions of experiment. 
In the second paper it was shown that the quantum efficiency 
was two. 

Show that the experimental results may be accounted for 
by the following mechanism: 


COCij+Av 

= COCl+Cl 

(1) 

COCl+Og 

= COj+ClO 

(2) 

COCI2+CIO 

- C02+C1,+C1 

(3) 

coa+cia 

= COC12+C1 

(4) 

Cl+Cl+M 

= a2+M 

(5) 


NOTE: The kinetic equation is readily derived by writing down the 
conditions that the concentrations of the two intermediate active 
radicals CIO and COCl do not vary with time, together with the 
equation for the rate of formation of carbon dioxide. Since the 
absorption is feeble, the proportion of incident light absorbed will 
vary directly with the phosgene concentration. 
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For further work on the photochemistry of phosgene see, for 
example, Almasy and Wagner-Jauregg (Z. physikal. Chem, B, 1932, 
19, 405) and Montgomery and Rollefson {J, Amer. Chern. Soc., 1934, 
56, 1089). Rollofxon and Uurton, chap. xi. 

PROBLEM 95 

The iodine-sensitized photochemical decomposition 
of ethylene iodide in carbon tetrachloride solution 

Schumacher and Wiig, Z. phyaikal. Chem. B, 1930, 11, 45. 

A SOLUTION of ethylene iodide and iodine in carbon tetra¬ 
chloride is decomposed at 100® C. by light from a mercury 
vapour lamp which has been filtered so as to exclude all light 
but that of longer wave-length than 3,800 A. The net result 

of the reaction is tt t \ t 

U2H4I2 — I 12- 

No appreciable decomposition takes place at room tem¬ 
perature nor in the absence of iodine; ethylene iodide alone 
shows no appreciable absorption at wave-lengths above 
3,800 A. ; iodine shows continuous absorption below 4,995 A. 
The back reaction may be neglected under the conditions of 
experiment; there is, however, a certain amount of thermal 
(or ‘dark') reaction which can be separately measured and 
allowed for. The reaction may be followed by titrating the 
solution with standard thiosulphate before and after irra¬ 
diation. 


Influence of ethylene iodide concentration and iodine concentra 
lion at constant light intensity. 


Ethylene 

iodide 

concentration 
(gm./lOO c.c.) 

NI200 

Thiosulphate 
litre of 6 c.c. 
of solution 
before 
irradiation 

Time of 
irradiation 
(min.) 

Iodine 
formed 
(€.xprcssed in 
c.c. thio. 
per 5 c.c. 
solution) 

Iodine 
formed 
(corrected 
for thermal 
reaction) 

600 

29-40 

20 

8-97 ! 

8-04 

5-00 

23-99 

10 

5-05 

4-57 

2-46 

24-52 

20 ! 

4-47 

4-04 

2-50 

22-83 

20 

5 03 

4-60 

2-50 

77 38 

20 

5-54 

4-24 
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Deviations of the order of 10 per cent, are to be attributed 
to fluctuations in light intensity; under the conditions of 
the above experiments the light absorption was almost 
complete. 

(i) What inferences may be drawn from these figures as 
to the dependence of rate on the initial concentrations of 
ethylene iodide and iodine ? 

Influence of light intensity. 

Cutting down the light intensity in the proportion 16*43: 
7*64 by means of a copper gauze reduced the rate of reaction 
in the proportion 9-43 : 6*42. 

(ii) From this information and the result of (i), formulate 
an equation for the rate of disappearance of ethylene iodide 
in terms of light intensity and the concentrations of re¬ 
actants. 

Quantum yield. 

In the experiments on quantum yield the light from the 
mercury vapour lamp was passed successively through three 
filters which transmitted only light between 3,800 and 
4,800 A. ; under these circumstances the effective radiation 
is almost exclusively that of the 4,047 and 4,358 A. lines of 
the mercury arc. Of these the latter is more intense so that 
the effective wave-length may be taken as 4,240 A. 

With these filters irradiation experiments were carried out 
on two solutions, each 55 c.c. in total volume; the results are 
tabulated below, using the same column headings as above: 

2*46 29*84 20 4*19 3*74 

2*43 28*93 20 3*77 3*32 

A Moll thermopile, which had been calibrated against a 
standard filament lamp, showed that the radiation incident 
on the reaction vessel, which was almost completely absorbed, 
amounted to 9*15x10^ ergs/second. 

(iii) Calculate the quantum yield under these conditions 
of light intensity and concentration. 
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(iv) Show how the observed facts may be explained by the 
following reaction mechanism: 

I+C2HJ2 = 

= CjHj+I 

I+I = I2 
C2H4+I = C^HJ 


NOTE: Tho deduction of the kinetic equation from the postulateMl 
mechanism is made by writing down the coruUtions for the stationary 
concentrations of the two active radicals C 2 H 4 T and I and combining 
them with tho equation for the rate of formation of iodine. 

Tho original paper also includes a correlation of the photochemical 
results with the data for tho thermal reaction, together witli some 
deductions as to the molecular statistics of the process 

The decomposition lias also been studied in tho region of dis¬ 
continuous absorption by iodine (Dickinson and Nies, ♦/. Anier. 
Chem. Soc.f 1935, 57, 2382). This paper illustrates how misleading 
a simple comparison of quantum efiiciencies at different wave¬ 
lengths may be for a reaction w'hose rate is proportional to the 
square root of the light intensity. For such reactions the ‘quantum 
efficiency* is too dependent on light intensity, concentrations, and 
temperature to be a significant quantity. 


Rollefson and Burton, chap. x. 
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PROBLEM 96 


The photochemical addition oj bromine 
to cinnamic acid 

Berthoud and B^raneck, J, Chim. Physique, 1927, 24, 213. 

Berthoud and Beraneck investigated the photochemical 
addition of bromine to cinnamic acid in carbon tetrachloride 
solution. A limited spectrum region was obtained by the use 
of filters, and the progress of the reaction was followed by 
thiosulphate titrations. A selection of their results is 
tabulated below: 

Effect of cinnamic acid conceniration. 

Temperature 20° C.; light from 300 c.p. lamp at 25 cm. 
passed through a blue filter; cell thickness 2-5 cm. 


Bromine . 
Cinnamic acid . 

O-Ol N 1 
0-05 N 

001 N 
0-026 N 


Titre 


Titre 

Time 

(C.C. 0 01 N 

Time 

(c.c. 0^01 N 

(min.) 

thio.) 

(min.) 

thio.) 

0 

9*92 

I 0 

9*92 

20 

6*65 

20 

6*72 

70 

2*47 

i 75 

2*29 


Effect of bromine concentration, 

(a) Under conditions of almost complete light absorption. 
Temperature 20° C.; light from 1,000 c.p. lamp at 25 cm, 
passed through blue filter; cell thickness 10 cm. 


Bromine . . 002 N 0*01 N 

Cinnamic acid . 0*05 N 0*025 N 


Time 

Titre 

(c.c. O'OIN 
thio.) 

Time 

Titre 

(c.c. 0 01 N 
thio.) 

0 

23*16 

0 

11*32 

20 

19*43 

25 

8*93 

40 

16*31 

45 

7*17 
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(b) Under conditions of feeble light absorption. Tempera¬ 
ture 20° C.,; 300 c.p. lamp at 25 cm. passed through blue 
filter; cell thickness 1 cm. 

Bromine . . 0 00125 N 

Cinnamic acid . 0*00625 N 

Time Titre (cx. 0 0025 N thio.) 

0 11-37 

20 8-44 

65 4 97 

105 3-35 

Effect of light intensity, 

(a) Under conditions of almost complete absorption. 
Temperature 20° C.; 1,000 c.p. lamp at 25 cm. passed 
through blue filter; cell thickness 2*5 cm. 


Bromine . . 0 01 N 

Cinnamic acid . 0-025 N 


Intensity = 1 

Intensity = }■ 

Time 

Titre 

{cx.O’OlN 1 
thio.) 1 

1 

1 

Time 

Titre 

(cx. O’OIN 
thio.) 

0 

10-00 

0 

9*86 

15 

6-20 

25 

6*93 

30 

3-87 i 

____l 

60 

4*27 


(6) Under conditions of feeble light absorption. Tempera¬ 
ture 20° C.; 300 c.p. lamp at 35 cm. passed through blue 
filter; cell thickness 1 cm. 

Bromine . . 0*0025 N 

Cinnamic acid . 0*00625 N 


Intensity = 1 | Intensity == J 


Time 

Titre 

(c.c. 0 0025 n \ 
thio.) 

1 

Time 

Titre 

(c.c. 0‘0025N 
thio.) 

0 

11*37 j 

1 0 ! 

11*16 

30 

7*38 1 

1 1 

8*86 

65 

4*97 ! 

70 ’ 

1 i 

7*50 
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Investigation of quantum yield. 

In an experiment with light passed through a violet filter 
and with an average wave-length of 4,350 A., the light 
absorbed by the cell, as measured with a calibrated thermo¬ 
pile, was l*4xl0~® calories per second. The drop in titre 
(0*01 N thio.) after 10 minutes illumination was 0*99 c.c. 

From these data— 

(i) Find the order of reaction with respect to cinnamic acid. 

(ii) Find the order of reaction with respect to bromine 
under conditions of strong and feeble light absorption 
respectively, bearing in mind the possibility of fractional 
orders, 

(iii) Find the effect of light intensity under conditions of 
strong and feeble absorption. 

(iv) Find the quantum efficiency under the conditions of 
the experiment made for this purpose. 

(v) Compare your results with those to be expected from 
the hypothesis that the reaction consists of the following 
stages: 

Primary reaction: = 2Br. 

Chain-continuing reactions: Br-fA = ABr 

ABr-f-Brg = ABrg+Br. 

Chain-ending reaction: 2ABr = A^Brg. 

NOTE: (i) The order of reaction with respect to cinnamic acid may 
be ascertained by inspection. 

(ii) The order with respect to bromine with strong light absorption 
may be determined by comparing the time for 25 per cent, reaction 
at the two bromine concentrations. With feeble light absorption the 
order is best ascertained by calculating the velocity constant for orders 
of 1, t» and 2 respectively. 

(iii) The effect of light intensity may be found by plotting titre 
against time and comparing the time necessary for equal amounts 
of reaction in the early stages of the reaction imder the two intensities 
of illumination. 

(iv) The quantum efficiency of a reaction where the rate is pro¬ 
portional to V(bght intensity) is a quantity of very limited signifi¬ 
cance ; see the comments on Problem 95, 

In calculating the kinetic equation to be derived from the suggested 
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chain mechanism, use is made of the fact that the concentration of 
bromine atoms and active molecules will almost instantaneously 

reach a stationary state so that example, must be zero. 

(Cf. e.g. D. W. G. Style, Photochemistry (London, 1930), chap, iii.) 

Bauer and Daniels (J. Amer, Chem. Soc., 1934, 56, 378) have 
recently nnnvestigated tliis photochemical reaction and revealed 
added complexities. At sufticicntly high dilutions ((?.g. M/1,000 with 
respect to Brg) the primary photochemical reaction only is obtained 
with a quantum efficiency of imity; Bauer and Daniels believe that 
the primary process is the formation of an activated bromine molecule 
rather than of bromine atoms; their subsequent chain of thermal 
reactions is an ‘energy chain’ rather than an ‘atom chain’. The same 
experimenters have also shown (ibid., 1934, 56, 2014) that, in the 
absence of oxygen, bromine and cinnamic acid combine rapidly in 
the dark; in other words, the investigations of the photochemical 
reaction have been made possible by this unsuspected inhibition by 
oxygon. (Cf. Rollefson and Burton, eha[>. xii.) 


4054 
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PROBLEM 97 


A determination oj the mean lije oj fluorescent 
molecules 

Perrin, J. de Physiquey 1926, 7, 390. 

The light emitted by a fluorescent solution is polarized to 
a degree which is much more marked in highly viscous 
solvents. Perrin has explained this by suggesting that the 
probability of absorption of the incident radiation will have 
a maximum value for some peculiarly favourable orientation 
of the absorbing molecules with reference to the incident 
radiation. Provided that this non-random arrangement of 
the excited molecules is not too rapidly destroyed by thermal 
agitation, the fluorescent light will be partially polarized. 
Qualitatively it is obvious from this hypothesis that the 
degree of polarization will increase as the viscosity of the 
solvent increases and as the mean life of the excited molecule 
diminishes. Quantitatively Perrin deduced the following 
relationship 2 1 /1 1\ RT 

p~ Fo^\Fo~W v-o' 

where p is the degree of polarization of the fluorescent 
radiation, is the viscosity of the solvent, V is the molecular 
volume of the fluorescent solute in solution (evaluated for 
this purpose from the Einstein viscosity equation), r is the 
mean life of the fluorescent molecules, p^ is the hypothetical 
degree of polarization in the absence of thermal agitation, 
and R and T have their usual meaning. 

Below are tabulated measurements of the degree of polari¬ 
zation of the fluorescence emitted by fluorescein dissolved in 
various mixtures of glycerol and water: 


Olycerol 

Water 

V 

{poises) 

P 

100 

0 

3'82 

0«42ll 

100 

25 

0348 

0*292 

100 

50 

0137 

0192 

100 

100 

00545 

0105 
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The molecular volume of fluorescein in these solutions is 
approximately 500 c.o. per mole, 

(i) Plot 1/p against RTjVri. 

(ii) Calculate from the graph the mean life of the fluorescent 
molecules. 

D. W. O. Style, Photochemistry (London, 1930), chap, ii; Rollef^on 
and Burton, chap. iii. 

NOTE: An electronically excited molecule does not suffer degrada¬ 
tion of its electronic enei*gy before it emits fluorescence; on the other 
hand, a molecule which is photochemically activated has in general 
undergone degradation of its electronic energy. The lifetime of a 
fluorescent and of a photochemically activated molecule must not 
be confused. 
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PROBLEM 98* 


The photochemical decomposition oj nitrogen 
peroxide 

Norrish, J, Chem. Soc,, 1929, 1158. 

Nitrogen peroxide is decomposed by ultra-violet light into 
nitric oxide and oxygen, the decomposition products re¬ 
combining thermally until an equilibrium is set up: 

light 

2 NO 2 2NO-I O 2 . 

dark 

On illuminating a vessel containing nitrogen peroxide an 
increase in pressure occurs whose magnitude has been 
shown to be in agreement with the hypothesis that the 
photochemical reaction results from the collision of a photo- 
chemically activated molecule with a normal molecule, while 
the reverse ‘ dark ’ reaction proceeds in a termolecular manner 
with a velocity constant which is well known. 

Norrish measured the quantum efficiency of the photo¬ 
chemical reaction at 25° C, and various wave-lengths by 
measuring the pressure increase at equilibrium under radia¬ 
tion of known intensity and combining the result with the 
known velocity data for the ‘dark’ reaction. 

The following are the experimental data upon which his 
results are based: 

(a) The N 2 O 4 ^ 2 NO equilibrium. 

The equilibrium constant = 108 at 25® C. in mm. units. 

Pn.o* 

(b) The termolecular recombination velocity constant 

= jfc[2N0]2[02]. 
at 

k is 1*66 X 10® at 25® C. in mole/litre/minute units. 

(c) Calibration of instruments for measuring radiation. A 
thermopile was calibrated by means of a Leslie cube and 
shown to give one centimetre galvanometer deflexion when 
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absorbing 460 ergs/second. The sodium photoelectric cell 
used in the photochemical measurements was calibrated 
against the thermopile for the wave-lengths studied with 
the following results: 


Wave-length 

(i.) 

Thermopile 
galvanometer 
reading 1 

(cm.) 1 

Photo-cell 

galvanometer 

reading 

(cm.) 

4,360 

5-80 ! 

910 

4,050 

3 32 

902 

3,650 

3-60 

2108 


(d) Photochemical measurements. The quartz reaction vessel 
had a volume of 30*3 c.c.; the source of radiation was a 
mercury lamp used with various colour filters to isolate 
individual wave-lengths. 


Wave-length 

U.) 

Initial 

pressure 

of 

peroxide 

(mm.) 

Galvan 

defle 

1 Reaction 
cell 
empty 
(cm.) 

\ometer 

xion 

With 

reaction 

VC-II Jilled 
(cm.) 

Pressure 
increase at 
equilibrium 
(mm.) 

4,360 

100 

12-9 

0*3 

0*00 

4,050 

100 

10-2 

0-3 

206 

3,650 

100 

21*8 

0*3 

2-86 


Irr order to correct for loss of light by reflection in cal¬ 
culating the absorbed radiation, the difference between the 
two galvanometer readings (oc incident — transmitted radia¬ 
tion) must be multiplied by 1*17. 

Calculate the quantum efficiency at each wave-length. 

NOTE: It is convenient to begin by calculating the factor for con¬ 
verting galvanometer deflexions into quanta/second at each wave¬ 
length ; in calculating absorptions these figures must be multiplied 
by 1-17 as indicated in the problem. 

The next stage is the calculation of x, the partial pressure of 
the oxygen at photochemical equilibrium. This is complicated by 
the association equilibrium of the nitrogen peroxide and leads to a 
quadratic equation for x in terms of the initial pressure (P) and the 
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pressure increase (p). This equation^ whose deduction should be 
verified, is 

a;*+a:{20-25~p-V(7294-27P)}+p{Jp-.6*76-f 1^(729+27P)} = 0. 
(In the original paper 729 is replaced by 730; this seems to be a 
numerical slip, but one which is quite without practical significance.) 

The partial pressure of oxygen at photochemical equilibrium (and 
hence, by inference, the partial pressure of nitric oxide) having been 
determined, the rate of thermal formation and therefore of photo¬ 
chemical decomposition of nitrogen peroxide is readily calculated. 
When this is expressed as the number of molecules decomposing per 
second in the reaction vessel and compared with the radiation 
absorbed, the quantum efficiency is obtained. 

A later paper by Holmes and Daniels (J. Amer, Chem, Soc,, 1934, 
56, 630) contains confirmation of Norrish’s mechanism for this 
reaction as well as further information and references regarding the 
photochemistry of the oxides of nitrogen. 

(Cf. Rollefson and Burton, chap, vii.) 
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XI. MOLECULAR STRUCTURE 

PROBLEM 99 

The parachors of phosphorus tribromide and 
azoxybenzene 

Sugden, Reed, and Wilkins, J. Chem. Soc., 1925, 127, 1525. 

From the following density and surface tension data: 


Temperature 

r c.) 

Density 
{gm./c.c,) 1 

Surface tension 
{dynes/cm,) 

Phosphorus tribromido 

24 

i 2-883 

\ 45*8 

33 

2*861 

44-1 


Azoxybenzene 


61 

1*146 

43*34 

77*5 j 

1*122 

40*26 


(i) calculate the parachors of the two substances; 

(ii) compare the results with the values derived from the 
following atomic and structural parachors: 

C = 4.8 P = 37*7 

H = 17*1 Br = 680 

N == 12*5 Six-membered ring — 61 

O = 20*0 Double bond = 23*2 

Coordinate link = — 1*6. 

Glasstone, chap. ii. 

NOTE: For both these substances at the temperatures of experi¬ 
ment the density of the vapour may be neglected. 
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PROBLEM 100 


The parachor oj para-tolyl-isocyanide in 
carbon tetrachloride solution 

Hammick, New, Sidgwick, and Sutton, J. Chein. Soc.y 1930, 1876. 

The following density and surface-tension data refer to 
solutions of ^-tolyl-isocyanide in carbon tetrachloride: 


Temperature 
(° C.) 

Moles per cent, j 
of iaocyayiule 

Density 

(fjm.lc.c.) 

1 Surface tension 

1 (dynes ! cm.) 

25 

0 

1*5868 

i 26*31 

31*3 

22*35 

1*4430 j 

24*6 

10*3 

27-()5 

! 1*4075 

30*0 

8*70 

54*41 

1*2322 

32*4 


(i) Find the parachor of the pure solute by graphical 
extrapolation. 

(ii) What conclusion does this suggest as to the structure 
of the isocyanide link, taking the following atomic and 
structural parachors: 

C = 4-8 Double bond = 23*2 

H = 17*1 Six-membered ring =6*1 

N = 12*5 Treble bond — 46*6 

Coordinate link = —1*6. 

Glasstono, chap, ii 

NOTE: The calculation of the parachor of the solute depends upon 
the fact, demonstrated by Hammick and Andrew (J, Chem, Soc,, 
1929, 754), that for unossociatod solutes in unassociated solvents the 
parachor is additiv^o in terms of the mole fraction of solute and 
solvent. The density of the vapour may bo neglected. 

The paper from which the experimental data of this problem are 
taken also contains dipole moment evidence leading to the same 
conclusion as that to be drawn from the parachor data. 
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PROBLEM 101 


Molecular dimensions derived jrom the two 
dissociation constants of a dibasic acid 

Bjerrum, Z. phyaikal. Chem., 1923, 106, 219; Gane and Ingold, 
t/. Chem. Soc.y 1928, 1694. 

By assuming that the ratio of the second dissociation con¬ 
stant of a symmetrical dibasic acid to the first dissociation 
constant is determined by a statistical factor and by the 
electrostatic effect of the negative charge in enhancing the 
hydrion concentration in the neighbourhood of the remaining 
undissociated carboxyl group, Bjerrum showed that to a first 
approximation: 

Iogio^-logxo4 = login 

where and iTg are the first and second dissociation con¬ 
stants, logio4 represents the statistical factor, e is the 
electronic charge, D is the dielectric constant of the solvent 
(which may be taken as 80 for water), h is the Boltzmann 
gas constant per molecule, T is the absolute temperature 
and r is the distance between the negative charge and 
the hydrogen atom participating in the second stage of 
dissociation. 

Gane and Ingold measured the two dissociation constants 
of a series of acids in aqueous solution at 20® C. by electro¬ 
metric titration with the following results: 





(CH,),(COOH), 

4-60 

6-34 

(CH,).(COOH), 

3-33 

4-87 

(CH,),(COOH), 

2*82 

4-84 


(i) Using the Bjerrum equation, calculate the distance 
between the carboxyl groups in the three acids. 

(ii) What do the results suggest regarding the spatial con¬ 
figuration of the polymethylene chain ? 
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NOTE: The dissociation constants given in this problem were deter¬ 
mined by electrometric titration using the method of Auerbach and 
Smolczyk (cf. Problem 65). 

In a series of later papers, of which that of Ingold and Mohrhenn 
(J, Chem. Soc., 1935, 949) is one of the more recent, Ingold and his 
collaborators have attempted to refine Bjerrum’s original formula by 
correcting for some of the complicating factors such as variations in 
the dielectric properties of the solvent in the neighbourhood of 
the ions. 
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PROBLEM 102 

The dipole moment of gaseous hydrogen chloride 

Zahn, Phys, Rev., 1924, 24, 400. 

The dielectric constant of gaseous hydrogen chloride measured 
by a heterodyne beat method at atmospheric pressure over 
a range of temperatures is tabulated below: 


Temperature 

{°A^) 

T 

(Dielectric 
Constant — 1), 
corrected to 
atmos. pressure 
€~l 

SjjeciJic volume 
of gas relative 
to N.T.P. 

V 

201*4 

0*007452 

1 0*733 

294*2 

0*003792 

1 1*079 

433*9 

0*001948 

1*694 

588*8 

0*001182 

2-162 


(i) Plot {€—1)vT against T and hence calculate the dipole 
moment of the hydrogen chloride molecule. 

(ii) Compare the result with the product of the electronic 
charge and the inter-nuclear distance as calculated from the 
moment of inertia of the molecule derived from the far infra¬ 
red absorption spectrum (cf. Problem 113). The spectroscopic 
data give a moment of inertia of 2-C8 x 10“^® e.g.s. units. 


NOTE: These data are taken from one of the earlier measurements 
of dipole moment; the graph suggested treats the denominator of 
€-1 
€ + '2 ' 

value 1-27 x 10~2° for 


, as constant. Arithmetical labour is saved by using the numerical 
\ 


■Ji 


^ttNI 


, quoted by Glasstone, chap. hi. The 


temperature variation of the dielectric constant of a .substance in 
the vapour phase represents the method of dipole rnomeni- measure¬ 
ment least susceptible to systematic errors (such as tlie influence ot 
the dielectric constant of the solvent upon measurements made in 
.solution); it demands, however, great experimental precision. For 
a recent application of the melj|pd to vapours see Groves and Sugden, 
J. Clmti. Soc,, 1934, 1094 and 1935, 971. 

A symposium of the Faraday Society on dipole moments (Trans. 
Faraday Soc., 1934, 30, 679) contains a number of important papers; 
appended to the symposium is a summary of dipole moment data 
with an indication of the method employed for each determination. 
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PROBLEM 103* 


The dipole moment of benzol chloride 

Sutton, Proc, Boy, Soc, A, 1931, 133, 668. 

The following table gives data for a series of solutions of 
benzal chloride in benzene at 25° C. 


Mole fraction 
of benzol 
chloride 

Weight 

fraction 

Density 

(gm.lc.c.) 

Dielectric 

constant 

Refractive 
index for 
mercury 
green line 
{5,461 A.) 

000000 

0 

0*8740 

2,-2727 

1-5020 

001314 

0-02672 

0-8806 

2*3534 

1-50294 

0-01843 

0-03727 

0-8836 

2*3861 

1-50337 

0-02604 

0-05225 

0-8881 

2-4330 

1-50387 


Find the dipole moment of benzal chloride. 


Glasstone, chap. iii. 


NOTE: This combination of dielectric constant and refractive index 
meeisurements in solution is the way in which the dipole moment 
of the majority of organic molecules has been determined. A useful 
summary of dipole moments, with an indication of the method of 
measurement employed, will be found in an appendix to volume 30 
of the Transactions of the Faraday Society. 

The straightforward computation of the total polarization of a 
solution and its analysis into the pK)larization of the individual com¬ 
ponents is arithmetically tedious. Sugden (Trans. Faraday Soc.y 1934, 
30, 720) has pointed out that the calculations may be simplified 
by transforming the usual equations (in terms of mole fractions) into 
the form: 


where Pj ^-ud Afg are the molecular polarization and molecular weight 
of the solute, and p^g are the specific polarizations of solvent 
and solution respectively referred to 1 gramme instead of 1 mole, 
and Wg is the weight fraction of solute in the given solution. 
To facilitate the use of this equat||it the concentrations in the 
dipole moment pioblems have been expressed in weight frac¬ 


tions as well as mole fractions. The numerical value of 



the coefficient in the Debye equation is 1*27 x 10~®® in erg units. 
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PROBLEM 104 


The dipole moment of arsenic trifluoride 

Malone and Ferguson, J, Chcm, Phya., 193*4, 2, 99. 

The density and dielectric constant of solutions of arsenic 
trifluoride in benzene at 25° C. are as follows: 


Mole fraction \ 
of trifluoride 

Weight 

fraction 

Density 

igm.lc.c.) 

1 Dielectric 
constant 

0000 

0 

0-8734 

2-276 

001499 

002496 

0-8869 

2-434 

002371 

1 003943 

0-8948 

2-521 


The density and dielectric constant of the solid trifluoride 
were found to be 3*01 and 5*7 respectively at 25° C. 

Calculate the dipole moment of arsenic trifluoride. 

Glasstone, chap. iii. 

NOTE: The measurement of the dielectric constant of a substance 
in the crystalline state (where dipole orientation in the electric field 
is usually impossible) as a means of determining the distortion 
polarization of the molecule is not used very frequently. The note 
(under Problem 103) on the simplified method of calculating polariza¬ 
tions in solution should be consulted. 
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PROBLEM 105 


The dipole moment of tetra-isoamylammonium 
picrate in benzene solution 

Geddes and Kraus, Trans, Faraday Soc., 1936, 32, 685. 

In order to throw light on the nature of the ion-aggregates 
formed in solutions of electrolytes in non-polar solvents, 
Geddes and Kraus measured the dielectric constant of 
solutions of a number of tetra-alliylammonium salts in 
benzene at 25° C. Below are tabulated some of their 
results for tetra-isoamylammonium picrate: 


Mole fraction 
X10‘ 

i Weight \ 

fraction X 10* i 

Dielectric 

constant 

0 

^ i 

2*26800 

0*465 

3-14 I 

2*27017 

1*223 

8-25 

2*27345 

2*239 ! 

15-10 1 

2*27753 


The density of the solutions was obtained by linear inter¬ 
polation between the values of 0*8737 for pure benzene and 
0*8764 for a solution containing 0*027 moles/litre. 

In the absence of refractive index measurements, the 
distortion polarization, which is relatively small, was cor¬ 
rected for by using the following atomic and group refraction 
constants from Landolt and Bomstein: 

C H N —NO 2 —0— double bond 

(in benzene) 

Constant (c.c.) 2-42 1 10 2*84 7*30 1*64 1*73 

(i) Calculate the total polarization at each concentration 
and the limiting value at infinite dilution. 

(ii) Calculate the effective dipole moment of the salt at 
infinite dilution. 

(iii) Calculate the distance l^tween the ionic charges 
corresponding to this dipole moment and the electrostatic 
attraction (in dynes) between a pair of ions under these 
circumstances. 
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NOTE: The refraction constants are subject to some uncertainty, 
but the distortion polarization is only about 1 per cent, of the total 
polarization, so that the uncertainty is of little significance in the 
calculation. Reference to the original paper shows three distinct 
types of variation of polarization with concentrntion, which are 
discussed in terms of a theoretical treatment of dipole association 
by Fuoss (t/. Amer. Chem. Soc,, 1934, 56, 1031). The answer to (iii) 
suggests the magnitude of the forces tending to deform two ions in 
juxtaposition. The note (under Problem 103) on the simplified 
method of calculating polarizations in solution should be consulted. 
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PROBLEM 106* 


The polarization of 2 : 2 dimethylpentane 

Smyth and Stoops, J. Amer. Chem, Soc», 1928, 50, 1883. 

The isomeric heptanes were studied to find out whether any 
of them possessed an appreciable electrical moment. The 
following data for 2 : 2-dimethylpentane in the liquid state 
are characteristic of all the nine isomers investigated. 


liefractive indices at 20° C, 


Line 

yn 


^Na 


Wave-length (A) 

4341-71 

4862-71 

5893 

6664-66 

Refractive index . 

1-39106 

1-38710 

1-38233 

1-38038 


Densities and dielectric constants. 


Temperature (°C.). 

-90 

-30 

20 

70 

Density 

0-7670 

0-7162 

0-6738 

0-6301 

Dielectric constant. 

2-076 

1-989 

1-916 

1-843 


Calculate (i) the electronic polarization at 20° C.; (ii) the 
total polarization over the temperature range. 

Estimate (iii) the electrical moment of the heptane; 
(iv) its atomic polarization at 20° C. 

NOTE I The molecular refraction (MRx) at the four wave-lengths 
measured should first be calculated. These values extrapolated to 
infinite wave-length give the electronic polarization of the molecule; 
the extrapolation is carried out by Cauchy’s equation: 

MRa, = 

where Aq is a charewjteristic wave-length in the ultra-violet: using this 
formula the four values of taken in pairs yield two independent 
values of the electronic polarization at 20° C. 

The electrical moment of the heptane may be judged from the 
sense of the temperature variation of its total polarization. The 
atomic polarization of the molecule may be identified with that 
portion of the total polarization which cannot be ascribed to electronic 
or orientation polarization. 

N.B. Five-figure logarithms are necessary in this problem. 


( 160 ) 



THE STRUCTURE OF SURFACE FILMS OF 
INSOLUBLE ORGANIC SUBSTANCES ON WATER 


Cf. N. K. Adam, The Physics ami Chenustri/ of Surjaeee, 

2nd t'dn.'(Oxford, 1938). 

Many insoluble long-chain compounds will spread on clean 
water to a film one molecule thick, when a smaD quantity 
of a solution in a volatile solvent is placed on the surface. 
After evaporation of the solvent, the outward force (surface 
pressure) exerted by the film on a light floating barrier 
separating it from a clean water surface can be measured at 
various areas of the film. The graphs of surface pressure 
plotted against area per molecule are analogous to the p-v 
isothermals of matter in three dimensions, and give a great 
deal of information as to the size and arrangement of the 
molecules in the films. 

In the following problems^ the area per molecule and the 
surface pressure (in dynes/cm.) should be calculated and 
plotted either with surface pressure against area (Problems 
107, 108 and 110) or with the product of pressure and area 
against pressure (Problem 109). The curves obtained should 
be interpreted and deductions drawn as to the structure of 
the films. 


PROBLEM 107 

Hexadecyl alcohol on water 
Adam, Proc, Roy, Soc, A, 1922, 101, 452. 

0‘210 c.c. of a solution, containing 6-186 milligrams of 
w-hexadecyl alcohol in 25 c.c. of benzene, was placed on a 
trough 14-0 cm. wide. The floating barrier at one end was 
13*8 cm. long and the gaps past the ends were blocked by 
jots of air directed along the surface of the water. The force 
observed on the float at different lengths of the film was as 
follows: 

^ Professor Adam kindly selected the detailed experimental data 
of these problems from his laboratory note-books. 
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Length of fdm 
(cm,) 

20-9 
20*3 
20-1 
19*6 
191 
18-6 
18-3 
18-1 
17-8 


Force on float 
(dynes) 

4*14 

8-66 

26-2 

69*0 

108 

234 

323 

394 

631 


PROBLEM 108 
Myristic acid on water 

Adam and Jessop, Proc, Roy, Soc. A, 1926, 112, 362. 

Fourteen drops, each weighing 1*73 milligrams, of a solution 
containing 0*0383 gm. of myristic acid (Ci 3 H 27 COOH) in 
26*60 gm. of petroleum ether, were placed on a trough 
14*0 cm. wide at 17° C. The floating barrier had an effective 
length of 12*33 cm., the gaps at the ends being closed by 
flexible metallic ribbons. The force on the barrier at various 
lengths of the film was as follows: 


Length of film 
(cm.) 

330 

32*0 

31*0 

29*0 

26*0 

22*0 

21*6 

21*0 

20*6 

200 

18*0 

16*0 

16*0 

14*0 


Force on float 
(dynes) 

4*97 

6-30 

IM 

24*3 

66*6 

120 

129*6 

135 

136*5 

137*5 

147*6 

170*6 

215 

304 
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PROBLEM 109 


n-Octadecylamine hydrochloride on water 

Adam, Proe. Roy. Soc. A, 1930, 126, 526. 

N drops, each weighing 2-96 milligrams, of a solution con¬ 
taining 0'119 gm. of n-octadecylamine hydrochloride in 
100 gm. of a mixture of benzene and alcohol were placed on 
a trough 14'0 cm. wide. The floating barrier had an effective 
length of 12'33 cm., the gaps at the ends being closed by 
flexible metallic ribbons. The force on the float as the length 
of film and number of drops added varied was as follows: 


Number 
of drops 
(N) 

Length 
of film 
(cm,) 

Force 
on float 
(dynes) 

1 

360 

60 

2 


10-35 

4 


18-3 

6 


29-6 

8 

99 

49-4 

10 

99 

93-7 


300 

1370 

»> 

25-0 

2100 


PROBLEM no 

Myristic acid on water at large areas per molecule 

Adam and Jessop, Proc. Roy. Soc. A, 1926, 110, 423; Adam and 
Harding, ibid., 1932,138, 411. 

Thbbe solutions of myristic acid (Ci 3 H 27 COOH) in petroleum 
ether were prepared with the following compositions: 

A: 0*0329 gm. in 30*78 gm. 

B: 0*0330 gm. in 27*93 gm. 

C: one-fifth the concentration of B. 

N drops of solution, each weighing 1*82 milligrams, were 
placed on a trough 14*0 cm. wide fitted with a float of 
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eflfective length 12-33 cm. Below is tabulated the force on the 
float with various values of N and various lengths of film. 

The surface potential (that is, the amount by which the 
contact potential between the air and water was changed by 
the presence of the film) of these films was also measured. 
It was found that, when the amount of myristic acid corre¬ 
sponded to the figures marked with an asterisk, the surface 
potential fluctuated violently as the surface of the film was 
explored in various places. At surface concentrations higher 
and lower than those asterisked, this phenomenon was not 
observed. 


Solution 

Drops of solution 
{N) 

Length of film 
(cm,) 

Force on float 
(dynes) 

A 

1 

35 

2-00 


2 * 

tf 

2-49 


6 * 

ft 

2*62 

B 

1 

35 

2-26, 2-63 


2 * 

ft 

2*39 


10 * 

ft 

2-46 


16 

tf 

2-49 


ft 

28 

3-62 


ft 

27-6 

6-06 

C 

1 

35 

0-80 


2 

tf 

1-46 


3 

ft 

2-04 

t 

4 1 

1 

tt 

2-20 


Adam, chap, ii; Rideal, chap. iii. 

NOTES: 

It is particularly desirable in plotting surface film data to choose 
a scale which permits of the inclusion of all the experimental points 
even where it involves an inconvenient compression of part of the 
graph. 

Problem 107. This is a typical example of a condensed film; the 
cross-sectional area of the molecule may be derived from the 
graph. 

Problem 108. A paper by L#angmuir (J. Chem, Phys,, 1933, 766) 

throws a good deal of light on the interpretation of films of this 
type. 
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Problem 109. The data should be plotted in the form (dynes/cm.) 
X (area/moleoule) against dynes/cm. and the graph should be com¬ 
pared with the pv-p graph for a gas like carbon dioxide. 

Problem 110. This illustrates the behaviour of a film over a very 
wide range of values of the area per molecule; duplicate measurement 
of the film with one drop of solution B are given to illustrate the 
possibilities of experimental error in these delicate measurements. 
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PROBLEM 111 


The force-constants of linkages from Raman spectra 

Petrikaln and Hochberg, Z. phyaikdl, Chem, B, 1929, 4, 299. 
Dadieu and Kohlrausch, Ber., 1930, 63, 251. 

When illuminated by the two mercury lines 4,358*3 and 
4,046*6 A., concentrated aqueous solutions of potassium 
cyanide give a Raman spectrum consisting of two lines of 
wave-lengths 4,793*5 and 4,419*2 A. respectively. 

(i) Calculate the force-constant (or restoring force for unit 
displacement) for the carbon-nitrogen link. 

The Raman spectrum of acetylene consists of a strong line 
with a frequency displacement of 1,960 cm.”^ This line is 
attributed to the vibration of the carbon-carbon linkage. 

(ii) Calculate the force constant of the acetylenic linkage. 

The two strongest lines of the Raman spectrum of ethane 
have frequency displacements of 990 and 2,930 cm,"^ 
respectively. 

(iii) If these arise from the carbon-carbon and carbon- 
hydrogen links, calculate the respective force constants of 
these aliphatic linkages. 

Glasatone, chap., iv; Sidgwiok and Bowen, Annual Reports of the 
Chemical Society^ 1931, 28, 370. 

NOTE: The attribution of a Baman line to an individual linkage 
in a polyatomic molecule is an over-simplification whose limitations 
are discussed by Woodward (Annual Reports of the Chemical Society^ 
1934, 31, 21). Hibben (Chem, Reviews^ 1936, 18, 1) has surveyed 
the whole field of the Raman spectra of organic compounds and 
compiled a useful bibliography of the subject. 
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PROBLEM 112 


Heats oj Jormation oj covalent links 

N. V. Sidgwick, The Covalent Link in Chemistry (Cornell, 1933), 
chap, iv; F. R. Bichowsky and F. D. Rossini, The Thermo^ 
chemistry of Chemical Substances (New York, 1936); International 
Critical Tablest vol. v. 

The heats of atomization of some common elements, 
expressed in kilocalories per gram-atom, are as follows: 


C (graphite) 

H. 

O, 

N, 


124 (see note) 

51*4ft 

58-7 

84-65 


and the heats of combustion of graphite and gaseous hydro¬ 
gen (to produce gaseous carbon dioxide and liquid water 
respectively) are 94*45 and 34*19 kcals. per gram-atom» 

(i) The heats of combustion of methane, ethane, pro¬ 
pane, and (normal) butane are respectively 212*79±0*07, 
372*81±0*11, 530*57±0*12, 687*94±0*15 kcals. per mole. 
Are these data consistent with the view that the heat of 
formation of an organic compound from its constituent 
atoms is made up additively of the heats of formation of the 
various linkages ? Estimate the heats of linkage of C— 
(aliphatic)‘and C—C (aliphatic). 

(ii) The heat of combustion of cyclo-propane is 496*8 kcal./ 
mole. Calculate its heat of formation from the constituent 
atoms and compare it with the value calculated by com¬ 
bining the heats of linkage of aliphatic C— H and C—C 
obtained in (i). 

(iii) Assuming that the linkage energy of C— H is inde¬ 
pendent of whether the carbon atom is singly, doubly, or 
trebly linked to other atoms in the molecule, calculate from 
the results of (i) and the following heats of combustion the 
heats of formation of the ethylenic and acetylenic links: 

ethylene 337*28 kcals./mole 
acetylene 311*2 „ 

( 167 ) 



(iv) Prom the following heats of combustion and the 
results of (i) calculate the heat of linkage of C—0 in ethers 
and alcohols respectively: 

dimethyl ether (gaseous) 349 kcals./niole 
ethyl alcohol (gaseous) 337-Og kcals* 

(v) The heat of combustion of acetone vapour is 434,7 
kcals./mole; combining this with the results of (i), calculate 
the heat of formation of the carbonyl link in acetone. 

(vi) The heats of formation of carbon monoxide and carbon 
dioxide from graphite and oxygen are 26-84 and 94-45 kcals./ 
mole respectively. Calculate the heats of formation of these 
substances from their constituent atoms, and compare them 
with the heat of formation of the carbonyl link. 

(vii) The heat of combustion of benzene vapour is 787*2 
kcals./mole. Compare this with the result to be expected if 
the benzene ring is regarded as containing three aliphatic 
C—C bonds and three aliphatic C=C bonds. 

NOTE: In conformity with the convention adopted in Sidgwick’s 
book a positive sign corresponds to heat evolved in this problem. 
The calculation of heats of linkage is arithmetically straightfor¬ 
ward, but subject to several uncertainties. In the first place the 
heat of atomization of carbon is still far from certain. Bichowsky 
and Rossini in their critical compilation put it between 110 and 
170 kcals. The value adopted in the problem is that selected by 
Herzberg {Chem. Reviews, 1937, 20, 145). A further complication is 
introduced by the fact that carbon on vaporizing produces atoms in 
the or bivalent state whereas the atom formed by the rupture of 
the linkages of, say, methane is in the quadrivalent excited state 
called by the spectroscopists. The energy difference between 
these two states has been very variously estimated; a recent estimate 
(by Van Vleck, J. Chem, Phys., 1934,2, 297) is 161 kcals. or 40.35 kcals. 
per bond. Neither of these uncertainties, however, affects the question 
of the additivity of heats of linkage as propounded in the problem, 
nor does the energy difference between bivalent and quadrivalent 
carbon atoms affect comparisons between a series of compoimds in 
which carbon is exclusively quadrivalent. 

(i) The additivity of heats of linkage has been critically discussed 
by Rossini (J, Rea, Nat, Bur. Stand., 1934, 13, 21 (paraffins), ibid., 
1934, 13, 189 (alcohols)). 

(iv) The heat of linkage of O—H in ethyl alcohol may be taken as 
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half the heat of dissociation of water vapour into atoms. The data 
might be used equally well to calculate the heat of formation of the 
hydroxyl link in ethyl alcohol, by assuming the heat of linkage of 
C—O in ethers and alcohols to be the same. Some assumption is 
necessary in either procedure. 

(vi) and (vii) The molecules of carbon monoxide, carbon dioxide, 
and benzene exhibit the phenomenon of ‘resonance’ (Glasstone, 
chap, i) of which an abnormally high heat of formation is a charac¬ 
teristic experimental indication (Pauling and Sherman, J. Chem. 
Phys,, 1933, 1, 606). The internuclear distances in these com¬ 
pounds—another criterion of resonance (S. Glasstone, Recent Advances 
in General Chemistry, chap, v (London, 1936)—are abnormally low. 


PROBLEM 113 

The dimensions oj the hydrogen chloride molecule 
from its rotation spectrum 

Czerny, Z, Physik, 1925, 34, 227. 

The rotation spectrum of hydrogen chloride consists of a 
series of lines in the far infra-red of which the lowest wave- 
numbers observed were : 

124-30 cm.-i 
145-03 „ 

165-51 „ 

Calculate the moment of inertia of the molecule, and hence 
the internuclear distance. 

Glasstone, chap, iv; Jevons, chap. iii. 

NOTE: The collision diameter of the hydrogen chloride molecule 
derived from viscosity measurements is 2-86 A. 


4034 
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PROBLEM 114 


The heat of dissociation of chlorine from its 
absorption spectrum 

Kuhn, Z. Physik, 1920, 39, 77. 

The beginning of the continuum in the visible absorption 
spectrum of chlorine is at 4,785 A. One of the atoms pro¬ 
duced has an energy of excitation estimated by Turner 
(Phys, Rev,, 1926, 27, 397) from the arc spectrum of the gas 
as 0*109 volts. 

Calculate the heat of dissociation of chlorine into normal 
atoms (i) in volts; (ii) in kilocalories per mole. 

Glasstone, chap, iv; Jovons, chap. ix. 

NOTE: Heats of dissociation are sometimes expressed in units more 
strictly applicable to critical potentials; a molecule is said to have 
a heat of dissociation of x volts when the energy required to dis¬ 
sociate a single molecule is x electron-volts. Interconversion with 
the other units commonly used (calories/mole and reciprocal centi¬ 
metres) is readily performed with the aid of the factors in the table 
of constants at the end of the book. 
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PROBLEM 116 


The heat of dissociation of the diatomic sodium 
molecule from spectroscopic data 

W. Jevons, Band Spectra of Diatomic Molecules (Cambridge, 1932), 

chap. ix. 

Sodium vapour has a system of absorption bands in the 
green, the origin of the 0,0 band being at 20302-6 
The vibration levels in the upper state can be followed to very 
near the convergence point leading to a value of 0-35 volts 
for the dissociation energy in the upper state, the product 
of the dissociation being a normal atom and an atom excited 
to the level of the well-known Z)-line (5,893 A.). 

Find the heat of dissociation of the Na 2 molecule in the 
ground state. 

NOTE: This problem is readily visualized if a diagram of the poten¬ 
tial energy curves (cf. Glasstone, chap, iv) of the two states of the 
molecule is sketched and the various energy differences are referred 
to this diagram. 
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PROBLEM 116 


The heat oj dissociation of oxygen from 
spectroscopic data 

W. Jevons, Band Spectra of Diatomic Molecules (Cambridge, 1932), 

chap. ix. 

The Schumann-Runge absorption bands of oxygen in the 
far ultra-violet show a convergence and the beginnings of 
continuous absorption at a wave-number of 57,110 cm.“^ 
These bands correspond to transitions from oxygen in the 
ground state to various vibrational states of an electronically 
excited oxygen molecule, culminating in dissociation into a 
normal and an excited atom. Vibrational analysis of the 
system shows that the wave-number of the origin of the 
0,0 band is 49,407 cm.~^ and from*the analysis of the atomic 
spectrum of oxygen it is concluded that the excited atom 
produced by the dissociation has very probably an energy 
of 1*96 volts. 

Calculate the heat of dissociation 

(i) of the electronically excited oxygen molecule; 

(ii) of the normal oxygen molecule into normal atoms. 

NOTE: See the comments on Problem 116. 
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PROBLEM 117 


The heat of dissociation of carbon monoxide from 
its vibrational energy levels 

Birge and Sponer, Phys. Pev,, 1926, 28, 259; Jevons, chap. ix. 

The so-called ‘fourth positive group of carbon’, a series of 
absorption bands now known to be due to the carbon monoxide 
molecule, leads on analysis to the following equation for the 
vibrational energy levels in the ground state: 

(?, = 2167*4(i;+J)-12-70(t;+i)2, 
where is the vibrational energy term (in wave-number 
units) for the vibrational quantum number v, as derived from 
the measurement of lines ranging from v = 0 to v = 25. 

Calculate the heat of dissociation of carbon monoxide. 

Glasstone, chap. iv. 

NOTE: This method of calculating the heat of dissociation is liable 
to error, since it necessarily assumes that the equation for the vibra¬ 
tional energy level, based on the measurement of lines up to a vibra¬ 
tion quantum number of 25, is equally valid up to the much higher 
quantum number corresponding to the convergence limit. In the 
case of carbon monoxide the error on this account is probably small; 
the general case is discussed in detail by Jevons (chap. ix). The heat 
of dissociation of carbon monoxide has been the subject of a good 
deal of recent debate; the matter is discussed by Horzberg {Chem, 
Reviews, 1937, 20, 145) in, a paper which includes a useful critical 
summary of spectroscopic methods of evaluating heats of dissociation. 
The value he selects (210 kcals.) is much lower than that derived by 
simple analysis of the data given in this problem; the heat of dissocia¬ 
tion of carbon monoxide is of more than usual interest since it is 
involved in one of the methods of estimating the heat of atomization 
of carbon. 


H, W. Thompson, Chemical Spectroscopy (Oxford, 1938), cliap. vii. 
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PROBLEM 118 


The heat of dissociation oj lithium hydride jrom its 
vibrational energy levels 
Nakamura, Z. Phyaik, 1929, 59, 218. 

Lithium vapour heated in an atmosphere of hydrogen shows 
an absorption spectrum in the ultra-violet which is due to the 
molecule LiH. The origins are represented by the formula 
(in cm,~^ units): 

V = 25906-5-f?i'(296-8+9-6l7i'-0*318?i'2) 
-7i"(1383*4~22-73n''), 

where n' and n!* are the vibration quantum numbers in the 
upper and ground states respectively. The lithium atom 
produced by the dissociation in the upper state has an 
energy of 1-84 volts. 

Calculate the heat of dissociation of the molecule in 
(i) the upper; (ii) the ground state. 

NOTE: See the notes on Problem 117. 
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PROBLEM 119* 


The Morse equation Jor the potential energy curve 
oj a diatomic molecule and its evaluation jrom 
spectroscopic data 

Morse, Phys, Rev., 1929, 34, 57. 

Morse has put forward an empirical equation for the varia¬ 
tion of the potential energy, (7, of a diatomic molecule with 
the internuclear distance, r: 

where D is the dissociation energy of the molecule, is the 
internuclear distance at equilibrium, and a is a constant. 
In this form of the equation the arbitrary zero of potential 
energy corresponds to infinite separation of the two atoms. 

(а) For the nitrogen molecule in the ground state D is 
95,500 cm.~^, Vq is 1*09 A. and a is 2*56 when the values of r 
are given in Angstrom units. 

(i) Plot the potential energy curve of the nitrogen molecule 
for internuclear distances ranging from 0*8 A. to 4-0 A. 

(б) The constants of the Morse equation can be calculated 
from quantities derived from the analysis of molecular 
spectra. Thus if, for a given electronic state of the molecule, 
the vibrational energy in cm.-^ is given by the expression 

where n is the vibrational quantum number, w is the fre¬ 
quency (expressed in cm."'^) of vibrations of infinitesmal 
amplitude and a: is a constant, the constants of the Morse 
equation are given by 

D =-cm.“"^ 

4x0) 


a 



S7rcxa)AiA2 

hN{Ai-\~A2) 
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) 


cm.~^ 



or if r is given in A., and the universal constants are given 
their numerical values, 

where c is the velocity of light, h is Planck’s constant, N is 
the Avogadro number, and and are the atomic weights 
(0 = 16) of the two atoms. When is not otherwise known, 
it may be estimated from Morse’s empirical relation 
corl = 3x lO"”^^ cm.2 

(ii) The following data are derived from the band spectrum 
of carbon monoxide (cf. Problem 117). 



Ground state 

Upper state 



A m 

O) 

2167-4 cm.-i 

1616 7 cm.-i 

xw 

12-70 cm.-i 

17-24 cm.-» 

^0 

M5A. 

1-232 A. 


The electronic term of the upper state (i.e. its electronic 
energy referred to the ground state) is 64,765 cm.-^ 

Draw the potential energy diagram for the two states of 
the carbon monoxide molecule for intemuclear distances 
between 0-9 A. and 4-0 A. 

Hinshelwood, chap, iii; Jevons, chap. ii. 

NOTE: In this problem potential energies are most conveniently 
expressed in reciprocal centimetres. 

(i) Convenient values of the intemucleax distance, for which to 
calculate the potenticd energy, are 0-8,1*0,1-2,1*4,1'8,2*4, and 4*0 A. 

(ii) The data for the ground state of the molecule should be com¬ 
pared with those of Problem 117. Convenient values of the inter- 
nuclear distance are 0*9, 1«0, 1*1, 1*3, 1'5, 2-0, and 4-0 A. 
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XII. CRYSTAL STRUCTURE 

(By MISS D. CROWFOOT) 

PROBLEM 1.20 

The wave-length of palladium X-radiation 

W. H. Bragg, Proc, Boy. Soc, A, 1913, 89, 246, 430; W. L. Bragg, 
ibid., 1913, 89,.248. 

The structure of the unit cube of sodium chloride is shown 
in the diagram:— 



• chlorine, 
o Bodium. 

The unit cell of sodium chloride 

(i) What is the molecular weight of NaCl associated with 
this cube ? 

(ii) Given that the density (p) of sodium chloride is 2-17, 
calculate the side of the unit cell (a) from the relation 

Mm 
p pr» 

where M is the mol. wt. of NaCl in the cell, m is the mass of 
the hydrogen atom = 1-662 x gm., and V is the volume 
of the unit cell = a®. 

(iii) The observed angle 0, at which X-rays are first re¬ 
flected from the cube face of sodium chloride (100) is 6° T 
for Pd radiation. 

Calculate the wave-length of the X-rays from Bragg’s law 
nA == 2d8in0, 

n being the order of the reflection (2 in this case),^ A the 

' Owing to the arrangement of the atoms in sodium chloride no 
first-order reflection occurs. 


Aa 
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wave-length of the X-rays, and d the spacing of the plane 
(equal here to a). 

NOTE: Cr>"stal structures are built up by the regiilar arrangement 
of atoms in space. The first step in the determination of the 
actual arrangement present in any given crystal is to find the unit 
cell, i.e. the smallest portion of the structure which by repetition 
along three dimensions will give the whole. The cell is defined by 
the length of its edges (in A.) and the angles between them, the 
simplest case being that of a cubic crystal in which the edges a, 6, and c 
are all equal and the angles a, j3,y are also all equal andeachof them 90®. 
In the first analysis of a crystal structure—that of sodium chloride— 
it was, however, necessary to find the type of arrangement present 
before the cell size could be measured. This analysis was carried out 
by considering the intensities of the X-ray spectra from different 
crystal planes and the solution made it then possible to measure the 
actual size of the unit cell and hence the wave-lengths of X-rays. 


PROBLEM 121* 

The atomic scattering curves of sodium, chlorine, 
and fluorine 

W. L. Bragg, R. W. James, and C. S. Bosanquet, PhU, Mag.^ 1921, 
41, 309; 1921, 42, 1; R. Havighurst, Phya, JRev., 1926, 28, 
869. 

Fob the rock salt type of structure the geometrical structure 
factor for any reflecting plane simplifies to one or other of 
the two forms or where and are the 

scattering factors of the two contributing atoms at the angle 
of reflection. 

The table gives the experimentally observed structure 
factors, Fobg, for reflections from planes of sodium chloride 
and sodium fluoride. Plot these values for NaCl and NaP 
against the half-spacing sinfl/A. From the curves for 
/ci+/Na, /ci— /Na and of /Ka+Zr. /Na— /f. determine by 
addition and subtraction of the corresponding ordinates 
the values of fa, /wa, /f at values of sin 0/A = 0*1, 0*2, 0'3, 
&c. Compare the values of /jja derived jfrom the two com¬ 
pounds. 
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NaCl 

NaF . 

Spectrum 

sin 9 

! 

■^he. 

Spectrum 

sin^ 

~r 

■^ba. 

111 

0164 

4-64 

111 

0-188 

1*27 

200 

0178 

20-66 

200 

0-217 

14-25 

220 

0-263 

16-62 

220 

0-306 

10-80 

311 

0-296 

2-44 

311 

0-369 

1-38 

222 

0-307 

13-18 

222 1 

0-375 

8-39 

400 

0-366 

11-60 

400 i 

0-432 

6-69 

333 1 

0-462 

2-28 

331 

0-472 

1*46 

611 

0-462 

2-32 

420 

0483 

5-51 

440 1 

0-602 

7-46 

422 

0-631 

4-76 

600 

0-633 

6-89 

611-1-333 

0-662 J 

1-06 

444 

0-614 

6-28 

440 

0-610 

3-46 

711 

0-633 

2-03 

6004-244 

0-648 ' 

3-04 

800 

0-711 

4-04 

620 

0-684 I 

2-55 

660 

0-766 

3-34 

622 

0-718 , 

2-38 

666 

0-770 

1-63 

642 

0-810 ? 

1-86 

933 

0-883 

1-12 

653-1-731 

0-831 

0-39 

10,00 

0-888 

2-22 

820+644 j 

0-894 

1-41 

880 

1-01 

1-56 

822 + 660 

0-918 

1*33 

12,00 

1-07 

1 1-12 

840 

0*968 

1-22 

777 

1-08 

0-66 

842 j 

0-993 1 

1-03 

12,44 

M8 

0-70 

664 j 

1*015 

0-92 


NOTE: See page 187 



PROBLEM 122 


The molecular weight and symmetry oj nickel 
phthalocyanine 

J. M. Robertson, R. P. Linstead, and C. E. Dent, Nature^ 1936,135, 
606 ; J. M. Robertson, J, Ghem, Soc„ 1936, 616; 1936,1196; 1937,219. 

Write down the general form of the structure factor for 
crystal structures in which there are the three following 
symmetry operations taken separately: 

(i) A centre of symmetry (i.e. for every atom at x, y, z 
there is one at x, y,z). 

(ii) A diad screw axis of symmetry (i.e. for every atom at 
X, y, z there is one at J, z where b is the screw axis). 

(iii) A glide plane of symmetry (i.e. for every atom at 
Xy y, z there is one at a:+J, y, 2, where the reflection plane is b 
(010) and the glide is paraUel to the a axis). 

(iv) In which cases do simplifications result for planes of 
the type OkO with k odd, and of the type hOl with h odd ? 

(v) Draw a projection on the b plane of a crystal unit cell 
showing the symmetry operations of (ii) and (iii) com¬ 
bined. Mark the three additional positions in the cell that 
must be occupied if one atom is placed at x, y, z (the ‘general ’ 
positions corresponding to these symmetry operations). With 
this combination an additional sjmametry operation, that of 
a centre of symmetry, appears. What are the coordinates 
of the centres of symmetry in your projection ? 

The unit cell dimensions of nickel phthalocyanine are 
a = 19-9, 6 = 4-71, c = 14-9 A., jS = 121-9°, and the density 
found is 1-63. The percentage of nickel is 10-6 per cent. 

(vi) Calculate the molecular weight of phthalocyanine pre¬ 
sent in the unit cell and the number of nickel atoms. (The 
volume of the cell is abc sin j3.) 

It is found that all hOl reflections are absent for which h 
is odd and all OikO reflections for which k is odd. (Space 
group P 2Ja.) 
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(vii) Calculate the maximum molecular weight of the 
phthalocyanine molecule from the crystallographic data, and 
compare it with the minimum molecular weight indicated 
by the chemical analysis. 

(viii) Hence deduce the minimum molecular symmetry and 
the positions of the nickel atoms in the cell. 

NOTE: See page 187. 
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PROBLEM 123* 


The crystal structure oj iron pyrites 

W. L. Bragg, Proc. Roy. Soc. A, 1913, 88, 428; 1914, 89, 468; P. P, 
Ewald, Ann, d, Physiky 1914, 44, 1183; H. M. Porker and 
W. J. Whitehouse, Phil. Mag., 1932, 14, 939. 

Iron pyrites crystallizes in the cubic space group Pa 3; the 
side of the unit cell is 5-405 A. and this unit contains 4 FeS 2 . 
From these conditions it follows that the parameters of the 
atoms must be: 

Fe: 0, 0; 0, 0; 0, 0, J, J, J. 

S: ± (Uy Uy u ); ± \—Uy u ); 

i ('*^> I —'^) \ i(i— 

(i) Write down the structure factor for the general reflec¬ 
tions of the type hkl. Show that for reflections of the type 
AOO when h is even it reduces to the form 

-^(/Fe+2/sC0s27rA'a). 

(ii) Plot curves to show the variation of the structure 
factors of the planes 200, 400, 600, 800, 10,00, with values of 
u from 0 to 0-25. 

Atomic scattering factors calculated for iron and sulphur 
at the angle of reflection for each of these planes are given 
in the table below. From the observed F values also recorded 
deduce the most probable value for u. These F values are 
given equal to /Fe+ 2 /gC 08 27rA'a. A table of values of 
cos27m(3;/rf) for a series of values of n and xjd is given on 

p. 186. 


Plane 

200 

400 

600 

800 

10,00 

/f* 

19-6 

14-0 

10-8 

8-6 

7*0 

/. 

10-7 

7-9 

6-2 

4*95 

3*8 


22-4 

1-3 

5-8 

16*0 

9-3 


(iii) Using the value of u found, and the coordinates and 
cell size given above, calculate the distances of nearest 
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approach Fe—S and S—S. Compare these with the sum of 
the ionic and covalent radii:— 

Fe++ = 0-83, S“ = 1-84, Fe = 1-23, S = 104. 


NOTE-. See page 187. 


PROBLEM 124 

Interatomic distances in zinc oxide 

W. L. Bragg, PhiL Mag,, 1920, 39, 647; V. M. Goldschmidt, Trans, 
Faraday Soc,, 1929, 25, 253; L. Pauling and M. L. Huggins, 
Z, KrisL, 1934, 87, 205. 

Zmc oxide crystallizes in the hexagonal system with 
a = 3-24 and c = 5*18 A. K the zinc and oxygen atoms are 
at 000 and | | J respectively, find the interatomic distance. 
Given that the radii of the zinc and oxygen ions are 0*80 A. 
(Zn++) and 1*35 A. (O’*) and that the covalent radii of the 
corresponding atoms are 1*31 A. and 0*66 A. respectively, do 
you consider the binding ionic or homopolar ? 

NOTE: See page 187. 
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PROBLEM 125* 


The Fourier representation of the dependence oj 
atomic vibration on temperature in sodium 
chloride 

R. W. James and E. M. Firth, Proc, Boy, Soc, A, 1928, 117, 62; 
cf. W. H. Bragg, Phil, Trana, A, 1916, 215, 263; W. L. Bragg, 
Proc, Roy, Soc. A, 1929, 123, 637. 

The electron density in sheets parallel to a given crystal plane 
can be expressed as the sum of a Fourier series in which the 
observed F values for orders of reflections from the plane 
are introduced as coefficients of the terms. 

— 00 

n»l 

where is the electron density at a distance x from the 
origin and Zq, the number of electrons in the cell, is the 
contribution of the first term of the series, 

F observed. Mock salt 



T = 86^ A. 

T = 290=* A. 

T == 900° A. 

111 

4*61 

4-64 

4-11 

222 

14-46 

1318 

8-98 

333 

2-60 

2-30 

0-93 

444 

7-18 

6-28 

1-09 

666 

2-22 

1*63 

0-12 

666 

4-12 

2-00 

0-06 

777 

1-19 

0*66 

0004 

888 

1-90 

0-60 1 


999 

0-30 

001 

,. 

10, 10, 10 

0-32 




The table above gives the F values (/a+/Na /a“~/Na) 

observed by James and Firth for reflections from the (111) 
plane of rock salt at three different temperatures, 86° A., 
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290° A., and 900° A. Calculate the electron density normal 
to (111) at intervals of 2Trxld = 10°, using the table of cosines 
given on p. 186. Plot this against xjd for each of the three 
temperatures and compare the three curves. Take d == 3-25 A. 
and Zo== 11 + 17 or 28. 


NOTE: See page 187. 
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Notes on Crystal Structure J)etermination. 

The position of any atom in a crystal is usually defined by the 
values of three parameters, u, v, and representing its distance 
from the origin of the unit cell parallel to the crystallographic axes 
as coordinateai Thus if the cell dimensions are a, 6, and c A. long 
and the distances of an atom A from the origin parallel to these are 
Xj 2/* and z A., the parameters, u, v, and of A are x/a, y/b^ and zjc. 

The intensity of the X-ray reflection from a crystal face (hkl) 
depends to some extent on the physical perfection of the crystal. 
In the usual case—that of an ideally imperfect or mosaic crystal—it 
may be expressed by the equation 




1 14- co 8*2^1 


sin2d 




where p(hkl) is the integrated reflection, p. the linear absorption coeffi¬ 
cient of the crystal for X-radiation of the wave-length A used, 6 the 
angle at which reflection occurs and N the number of unit cells in 
1 c.c. The effect of the particular geometrical arrangement of atoms 
present is given by the square of the structure amplitude F(hkl) 
appropriate to tlie diffracted beam observed. The equation may 
therefore be simplified for practical use to the form 


p(hkl) = ^ QF(hkl)K 

Here 

F(hkl)^ = [2/4COs27r(At^^-f-ifcvj+iw;^)]*-f 

Ujt, Vj, and &c., being the parameters of the individual atoms 
defined above andtheir scattering factors at the angle of reflection. 

For particular integral values of certain parameters the expression 
for F(hkl) given above may simplify considerably or even completely 
vanish, i.e. in the latter case, for certain values of hkl no X-ray 
reflection can occur. The observation of systematic absences due 
to such restrictions can be used to assist in finding the space group 
or type of symmetry present in the crystal. Thus in a face-centred 
crystal the parameters of one atom are 000, OJJ, JOJ, and "JJO, 
therefore 


F(hkl) = /{cos(O) “f- cos 27r( -f il) -f- cos 27r( +iO+ cos 27r(}A + ik)} 

= 4/008 7r(/i+Z)cos ^nik + Z)cos J7r(/i Z)cos ^7r(h + k). 

This expression is zero unless h-j-k,h+l and are all even. There¬ 
fore only reflections can occur in which A, k, and I arc either all odd 
or all even (cf. Problems 120 and 121). 

The detection of the space group serves to limit the number of 
positions in the unit ceil which may be occupied by the atoms. In 
some cases, e.g. sodium chloride, this is sufficient to solve the whole 
structure, but in general the actual parameters have still to be found 
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by a process of calculating structure factors for different possible 
atomic positions and comparing these with the experimentally 
found F values. 

The calculation of the structure factor supplies not only a numerical 
value proportional to the square root of the intensity of the observed 
reflection but also necessarily the phase constant of the reflected beam. 
Once these are known a Fourier series, usually two-dimensional or 
one-dimensional, can be formed using the observed F values with the 
appropriate phase constants as coefficients of the terms. These 
series provide final values for the distribution of electron density 
at different points in the structure. It may in some cases be possible 
to short-circuit the stage of calculating structure factors and to 
proceed direct to the determination of the structure by Fourier 
analysis. One such case is that of the sodiimi chloride structure where 
geometrically the phase constants must be zero (i.e. the signs positive). 
A second case is that of the phthalocyanines whore heavy atoms 
replaceable by one another from structure to structure occur on 
centres of symmetry. 

It should be emphasized that the relevance of the atomic positions 
found by these calculations to chemical structure is most readily 
grasped by making actual models of the crystal structures. 

Chapters iv, v, vi and ix of The Crystalline State, vol. i, by W, L. 
Bragg (London, 1933) will be found relevant to the problems on 
crystal structure. 
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XIII. RADIOACTIVITY 


PROBLEM 126 

The radioactive constant oj thorium-X 
jrom ionization measurements 

Rutherford and Soddy, J. Chem. Soc.^ 1902, 81, 837. 

Thoritjm nitrate was freed from thorium-X by several pre¬ 
cipitations with ammonia. The ionizing power of the 
resulting 0*5 gm. of thorium-X-free thorium hydroxide was 
measured at intervals over a period of a month; the filtrate 
(containing thorium-X) was examined similarly, with the 
following results: 


Time 

(dxiya) 

Activity of 
thorium 

(arbitrary units) 

Activity of 
thorium-X 
(arbitrary units) 

0 

44 

100 

1 

37 

117 

2 

48 

100 

3 

64 

88 

4 

62 

72 

6 

71 

63 

8 

78 


10 

83 

26*2 

15 


IM 

17 

96-5 

, . 

21 

99 


28 

100 



(i) Plot these results. 

(ii) Disregarding the readings of the first two days, calculate 
(a) the half-life of thorium-X; (b) the radioactive constant 
of thorium-X. 

(iii) Interpret the course of the curve duiing the first 
two days. 

NOTE: These experiments of Rutherford and Soddy are historically 
important as the first quantitative study of the decay and regenera¬ 
tion of a radioactive element. Thorium-X is not produced directly 
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from thorium as was originally supposed; for information concerning 
the three intermediate elements see Meyer and Schweidler; Radio* 
aktivitdt (Leipzig, 1927), pp. 492-624. Owing to the imcertainty 
as to the initial activity of the thorium hydroxide it is necessary to 
use a method such as that of Guggenheim (cf. Note on Problem 91) 
to calculate the disintegration constant from the regeneration curve. 

The radioactive constant has been more accurately determined by 
Lerch (Wien, Ber,, 1905, 114, 663) and McCoy and Viol (Phil, Mag,, 
1913, 25, 333). A somewhat simpler example of radioactive dis¬ 
integration which may be studied by the ionization method is that 
of radiura-F (polonium); see, for example, Schweidler (Verh, D, 
Phys, Qea,, 1912, 14, 636). 
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PROBLEM 127 


The radioactive constant oj radium determined by 
counting the alpha-particles emitted 

Kutherford and Geiger, Proc. Boy, Soc. A, 1908, 81, 141. 

A QUANTITY of radium-C, equal to that in equilibrium with 
0*309 mg. of radium, was emitting alpha-particles equally 
in all directions. An electrical detecting device with a 
circular aperture 1*23 mm. in diameter and placed at 360 cm. 
jfrom the radioactive source registered an average number of 
46 alpha-particles received every 10 minutes. 

Calculate: 

(i) the total number of alpha-particles expelled per second 
by the amount of radium-C which is in equilibrium 
with one gramme of radium; 

(ii) the radioactive constant of radium itself. 

NOTE: The electrical detecting device used in this work consisted 
of a cylinder containing a central insulated wire at a different 
potential; an a-particle entering the cylinder caused multiple 
ionization and hence a readily detectable current. This was the fore¬ 
runner of the ‘Geiger counter’ now so widely used for the detection 
of cosmic rays and fast particles in general. 

The relation between the number of a-particles expelled by a given 
amount of radium-C and that of those expelled from the amount of 
radium in equilibrium with it emerges directly from the nature of 
radioactive equilibrium. 
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PROBLEM 128 


The radioactive constant oj uranium hy analysis 

Lind and Roberts, *7. Arner, Chcm. Soc., 1920, 42, 1170, 

The radium content of the mineral sources of uranium has 
been measured and a large number of specimens give a value 
of 3*4x10““’^ for the atomic ratio Ra/U. The half-life of 
radium is 1,600 years. Calculate the disintegration constant 
of uranium in reciprocal second units. 

Cf. CJ. Heves\' and F. Pan th, Radioactirlttj, transl. R. VV. Lawson. 
2nd edn. (Oxford, 1938), chap. xiv. 
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PROBLEM 129 


The Radioactive constant oj Uranium-II jrom the 
Geiger-Nuttall relation 

Sir E. Rutherford, J. Chadwick, and C. D. Ellis, Radiations from 
Radioactive Substances (Cambridge, 1930), chap. iii. 

The range of the alpha-particles emitted by the following 
elements of the uranium disintegration series and their radio¬ 
active constants are as follows: 



Radioactive 

constant 

(secr^) 

Range 
{cm. of air 
at 15° C.) 

Uranium-II 


3-08 

Radium 

1-373X10-1* 

3-389 

Radon 

2-097 xl0-» 

4-122 

Radium-A . 

3-79 xlO-» 

4-722 


With the help of the Geiger-Nuttall relation, estimate the 
radioactive constant and half-hfe of uranium-II, which 
have not been measured directly. 

NOTE: The range of the alpha-particles emitted by uraniiun-II is 
not known very accurately; the uncertainty arises in part from the 
general phenomenon of the ‘straggling’ distribution of the ranges of 
alpha-particles emitted with identical speeds; there is no unanimity 
among physicists as to the precise definition of ‘range’. An explana¬ 
tion of the empirical Geiger-Nuttall relation as a result of the ‘leakage’ 
of alpha-particles through the potential barrier of the nucleus has 
been suggested (see G. Gamow, Structure of Atomic Nuclei and Nuclear 
Transformations (Oxford, 1937), chap, v; it is also briefly described in 
Taylor, chap. xvi). 


c c 


40S4 
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PROBLEM 130 


The production of helium hy radium 

Boltwood and Rutherford, PhiL Mag,^ 1911, 22, 686. 

Boltwoor and Rutherford measured the volume of helium 
evolved by 192 mg. of radium, in the form of radium chloride, 
over a period of 83 days and found it to be 6*68 cu. mm. 
The radium chloride was originally free from radon; radon 
accumulated as the experiment proceeded together with 
the short-lived elements radium A, B, and C, each of which 
has a half-life of a few minutes; the half-life of radon is 
3*8 days. The helium evolved was therefore jointly produced 
by the alpha-ray disintegration of radium, radon, radium-A, 
and radium-C, the decay of radium-B being a beta-ray change. 

(i) Calculate the volume of helium produced per day by 
the radium present in the radioactive specimen. 

(ii) Calculate the volume of helium produced per year by one 
gramme of radium in equilibrium with Rn, RaA, and RaC. 

Rutherford and Geiger (cf. Problem No. 127) counted the 
alpha-particles emitted by a radium source and found that 
one gramme of radium in equilibrium with Rn, RaA, and 
RaC emits 13*6 x 10 ^® alpha particles per second. 

(iii) From this result and the result of (ii) calculate the 
Avogadro number. 

Sir E. Rutherford, J, Chadwick, and C. D. Ellis, Radiations from 
Radioactive Substances (Cambridge, 1930), chaps, i and ii. 

NOTE: Allowance must be made in this calculation for the gradual 
formation of radon during the first few days; the half-lives of its 
successors are so short that they may be regarded as coming into 
radioactive equilibrium with the radon as soon as it is formed. 
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PROBLEM 131 


The atomic number of hafnium from its X-ray 
spectrum 

Coster and Hevesy, Nature, 1923, 111, 79. 

In 1923 the X-ray spectrum of the extracts from some 
zirconium minerals showed lines whose relative intensities 
and excitation voltages identified them as belonging to the 
i-series. From their relative intensities and mutual distances 
their allotment to the alpha, beta, and gamma sub-groups 
was possible and the wave-lengths of the two most intense 
lines were as follows: 

Lol^ . . 1565-5x10-11 cm. 

. . 1371-4x10-11 cm. 

The corresponding values for some known elements in the 
same spectral region are as follows: 

Lqli 

Erbium . 1780-40 1583-44 

Tungsten . 1473-48 1279-17 

Platinum . 1310-08 1117-22 

Calculate the atomic number of the new element with the 
aid of Moseley’s relation, 

Taylor, vol. ii, chap, xvi; M. Siegbahn, The Spectroscopy of X-rays, 
transl. Lindsay (Oxford, 1925). 

NOTE: For the measurement of the wave-length of X-rays see 
Problem 120. 
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iPROBLEM 1S2 


The surface of a precipitate measured by 
radioactive indicator 

Koehler and Mathews, J, Amer, Chem, Soc,f 1924, 46, 1158. 

Twenty cubic centimetres of a saturated solution of lead 
sulphate activated with thorium-B was shaken with 0-100 gm. 
of dry precipitated lead sulphate for an hour. The mixture 
was then centrifuged; 5 c.c. of the clear supernatant liquid 
was evaporated to dryness and the activity of the residue 
measured with an electroscope; an average of several deter¬ 
minations showed that 32 seconds were necessary for the 
electroscope leaf to pass over 10 divisions of the scale. 
5 c.c. of the original activated solution when evaporated to 
dryness, without shaking with solid lead sulphate, caused the 
leaf to pass over 10 divisions in 22-9 seconds. The natural 
leak of the electroscope was 10 divisions in 42*9 minutes. 
100 c.c. of the saturated solution contained 0-0043 gm. of 
lead sulphate. 

Calculate: 

(i) the ‘specific surface’ of the precipitate (i.e. the pro¬ 
portion of the total number of lead atoms in the 
precipitate which are on its surface); 

(ii) the surface area per gramme of precipitate, if its 
density is 6-3. 

Adam, chap, vii; Rideal, chap. v. 

NOTE: The calculation involves the assumption, made reasonable 
by the earlier work of Paneth and Vorwerk (Z. phya, Chein.^ 1922, 
101, 446), that only the surface layer of the crystal participates in 
the exchange. It is to be noted that Koehler and Mathews define 
the ‘specific surface’ somewhat differently as the mass of lead on the 
surface of 1 gm. of lead sulphate. In order to calciilate the surface 
area per gramme of precipitate it is necessary to know the surface 
occupied per ion-pair of lead sulphate in the smdace; for the pur¬ 
poses of the calculation this may be taken as the two-thirds power 
of the volume of an ion-pair ; i.e. the crystal may be imagined as built 
up of a series of cube-shaped ion-pairs. 
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PROBLEM 133 


Mass-energy equivalence for nuclear disintegration 

Cockcroft and Walton, Proc, Roy. Soc. A, 1932, 137, 229. 

When lithium is bombarded with protons accelerated through 
a potential gradient of more than 125 kilovolts, scintillations 
are observed with a range in air of 8*4 cm., and the charac¬ 
teristic appearance of alpha-particle scintillations. For an 
alpha-particle such a range corresponds to an energy of about 
8‘6 million electron-volts. The hypothesis put forward by 
Cockcroft and Walton to explain these scintillations is the 
process; aLi’+iHi = 

The masses of the nuclei involved were then believed to be:— 
LF = 7*0104 (±0 003) 
r= 1-0072 
He^ == 4*0011 

(i) Test the plausibility of the above hypothesis by using 
the mass-energy equation to determine the energy of the 
alpha-particles that would be produced in the nuclear re¬ 
action suggested and comparing the value obtained with the 
energy of the particles observed experimentally. 

(ii) Examine the concordance obtained by using the follow¬ 
ing revised nuclear masses wliich have recently been sug- 
gested: 

HI = 1*0081 
He^ = 4*0034 

S. Gladstone, Recent Advances in General Chemistry (London, 1936), 

chap. i. 

NOTE:, Data from nuclear disintegration such as these have recently 
led to an extensive revision of the masses of the lighter atoms; the 
values revised on this basis have been confirmed by subsequent mass- 
spectrograph measurements. (Cf. Oliphant, Kempton, and Ruther¬ 
ford, Proc. Roy. Soc. A, 1935, 150, 241; Aston, Nature, 1936, 135, 
641; Cockcroft & Lewis, Proc. Roy. Soc. A, 1936, 154, 261.) 


(197) 




ANSWERS 



The student must not expect that a correct solution of a 
problem will invariably lead to a result identical to the last 
significant figure with the value quoted below. Especially 
where graphs are concerned an arbitrary factor enters into 
the calculation which may lead to small numerical differences 
between individual solutions. Somewhat larger differences 
will sometimes be found between the answers below and the 
results contained in the original paper since the latter are 
usually based on a much wider selection of experimental 
data. For some of the longer problems numerical values 
obtained at intermediate stages of the calculation are quoted 
(in square brackets) as well as the final answers. 

FUNDAMENTAL CONSTANTS 

1 

7-4xl0« 6-8 X 10*3. 

2 

6-6, 6-9, 6-4, 61 X lO*^; mean = 6-5 x lO*®. 

3 


Drop 

Apparent radius 

Apparent value of electronic charge 

6 

00001525 

5*15 Xl0“i0e.s.u. 

12 

00001784 

6-45 

14 

00001397 

6*66 


(ii) True value of electronic charge — 4-85 X 10“^® e.s.u. (extrapolated 
from the three selected drops). 

4 

(i) Stopping voltages: —2 047, —0*917, —O-SOq volts. 

(ii) Planck’s constant = 6*6gX 10“*^ erg-seconds, 

5 

6*667 X 10 ~*’ erg-seconds. 

STOICHIOMETRY 

6 

Lt = 0*875483 (uncorrected). 
j)-oJPco 

Atomic weight of carbon = 12*012 (corrected for the two effects 
described in the note). 
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[Intermediate results: In mole-litre-atmosphere imits, the constants 
of the two equations are: 

Van der Waals, a — 4*477, h = 0*05721. 

Dieterici, a = 5*743, 6 ~ 0*06193.] 

Taking one mole of ethylene the following results are obtained: 


Volume 

V {litres) 

Van der Waals 

Dieterici 

P 

(atmospheres) 

pv 

Pin 

P 

(atmospheres) 

pv 

Pin 

25 

0-9718 

1 *000' 

0*9714 

1*000 

1 

21*5 

0*883 

20*6 

0*848 

0*5 

37*3 

0*776 

34 9 

0*718 

0*3 

50*7 

0*626 

46*9 

0*580 

0*15 

64*5 

0*398 

58*0 

0*358 

0*13 

71*0 

0*380 

68*9 

0*315 

0*12 

78*4 ' 

0*387 



0*11 

93*1 

0*421 



0*10 

123*7 

0*509 

61*3 

0*252 

0*08 



71*8 

1 0*237 

0*07 


., 

105*7 

! 0*305 

0*068 



127*3 

0*356 


8 

(i) 1*63920 gm,/litre. 

(ii) j^Lt pv = 56,220i20.J 1*6274 gni./liti’e (there is a substantial 

ambiguity in the extrapolation to zero pressure from the limited 
data of the problem). 

(iii) 36*47s. 

9 

[35,100, 33,900.] Mean = 34,500. 

10 

(i) Both elements are probably simple unless by a rare coincidence 
both elements have isotopes in just the right proportion to make 
the ‘chemicar mass ratio equal to the ‘physical’ mass ratio. 

(ii) Hydrogen must have one or more heavy isotopes; if there is one 
isotope, whose mass is twice that of ordinary hydi’ogen, then it 
must be present in a proportion of about one in four thousand. 

(iii) A comparison of Aston’s revised ‘physical’ mass of hydrogen 

with the chemical atjomic weight indicates that hydrogen con¬ 
tains no isotope. The anomaly is explained by the fact that the 
purification of hydrogen for atomic-weight purposes automatically 
eliminates nearly all the heavy isotope. ^ 
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GASEOUS EQUILIBRIA 
11 

(i) Kj, =■ 9* 19, 126, 848 (mm. of mercury). 

(ii) = 1-37, 15-9, 92-3 xlO”* (moles/litre). 

(iii) = 33,100 cals. 

12 

(i) (atmosphere units) = 4-05 at 352° C. 2*97 at 386° C. 
(K^ = 269 and 77-8 respectively), AH ~ —7,400 cals, (by 

[.r — 4* 1.5, 3 95, 2*93, 3 01 respectively.] 

(ii) AH —6,900 cals, (from thermochemical data). 

(iii) AI' - ” 27,800 cals. 

(i\) 10“^*'^ (atmosphere units). 

(v) K.M.K l-20voits. 


13 


(i) A' = = 6 3 at 1,073° K., 28-7 at 1,173°K., 222 at 1,323°K. 

Pcot 

(atmospheres). 

(ii) AT/j 175 * = -f- 42,000 cals, (by isochore). 

AH, 90 * = +41,670 cals, (from thermochemical data). 

(iii) Kj,^ — 530 (atmospheres). 

(iv) 1-37, 7-81, and 62-2xl0-»» atmospheres re- 

7^00 3 
spectively. 

(v) AHi, 4 , 3 - = 146,300 cals, (by isochore). 

AHjj^o = 135,900 cals, (from thermochemical data). 

(vi) ™ 1*50 X 10~^2 atmospheres. 

(vii) E.M.F.j ioq* “ 101 volt. 

[ In the expansion for 2-303 logj^ Hp, AHq — —93,937 cals.' 
and I, the integration constant = 1*54; this leads to 
“ 69*4. 

E.M.F. 298 * — 1*03 volt. 


(ix) 


2 

P?‘P2! = 1-49 X 10-“ at 1457° K,' 

j’HjO 

9-84x10-1* at 1537° K. 
3-41x10-1* at 1400° K.. 




yooj>g,o 

PcOtPBt 


21 ,. 


14 

(i) Kj, = 8-6 X10** (atmosphere units). 

(ii) = 4-38X 10-' at 800°K., 3-11 x 10-» at 2,300°K. 
0-00046 per cent, at 800° K., 3 per cent, at 2,300° K. 
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(iii) =: 0*289 (atmospliere iinits) at 600® K., 0*00292 at 

800^ K.] 

14 [>f»r cent, at 500^ K. and 1 atmosphere; 23 per ce nt, at SOO'^ K. 
and 200 atmosphert's (neglecting pressure change due to reaction). 

15 

(i) A’j,- -^ 50 _^ 5 xio-i» at 500°K., 7x10-” at 2,500°K. 

Pn.Po. 

= 2-5 at 500° K., 2-5 x 10-“ at 2,500° K. 

(ii) A'j, = 2^* = 10-”8 at .100" K., 5 x 10“” at 2,000 K. 

Pu, 

Ap = = 10-»> at 300°K., 6 x 10-“ at 2,000° K. 

Ph, 

(iii) Ap = = 10-»> at 300° K., 2x 10” at 2,000° K. 

PC.H. 

(iv) Ap = = 5x 10-” at 300° K., 6x 10-‘ at 600° K. 

PUtOPcO 

The synthesis is therefore thermodynamically feasible if a catalyst 
effective at low temperatures can be found; high pressures would 
increase the yield. 

(V) = 81-4-] E.M.F., 5 .c. = 1-25 volts, 

flogio— = 09-6.1 == 102 volt-. 


16 

(i) iS'jjs* = 31*1±1 cals,/°K. per mole. 

(ii) Ai7298” == ’-57*3 kcals. per mole. 

(iii) AJP 222 * = —40*3 kcals. per mole. 


17 


~ — 7*72 kcals./mole. 


K, 




PCH,OH ^ ^ 


PcoPk, 

The thermodynamic conditions are clearly very favourable to the 
synthesis. 


18 

[The chemical constant of ‘electron gas’ is —6*6 in atmosphere units.] 
Per cent* ionization = 99*2. 
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HETEROGENEOUS EQUILIBRIUM 


19 

(i) The phase-rule diagram will be found on p. 153 of the original 
paper. 

(ii) A compound AuSbj is formed. 

(iii) The diagram may be divided into the following areas: (1) homo¬ 
geneous liquid, ( 2 ) liquid -f solid Au, (3) liquid -f solid AuSbj, 
(4) liquid -f solid Sb, ( 6 ) solid Au-f-solid eutectic, ( 6 ) solid 
AuSbj-j-solid eutectic, (7) solid Sb-}-solid AuSbj. (6 and 6 may 
bo regarded as a single area.) 

20 

A diagram will be found on p. 1469 of the original paper. A double 
salt, K 2 S 04 ,BeS 04 , 2 H 20 , is in equilibrium with solutions containing 
between 37-2 and 84*8 per cent, of BeS 04 in the anliydrous solute. 
The solid in equilibrium with solutions containing a smaller per¬ 
centage of beryllium sulphate is K 2 SO 4 ; with a greater percentage 
of beryllium sulphate it is BeS 04 , 4 H 20 . 

21 

A diagram will be found on p. 149 of the original paper. 

(i) The double salt is obtained when solutions are evaporated for 
which the molar ratio FeCl 2 /NH 4 Cl lies between c. 7-3 and 0*9; 
an equimolecular solution would obviously be a convenient 
source of the double salt. 

(ii) The solid which would separate out is respectively (a) FeCl,, 
6 H 2 O, ( 6 ) (NH 4 Cl) 2 ,FeCl 3 ,H 20 , (c) mixed crystals containing 
about 1-5 per cent. FeClj, 

22 

Diagrams will be found on p. 37 of the original paper. 

23 

(i) A diagram will be found on p. 78 of the original paper. The four 
solid phases are: 


Formula 

Approximate composition (%) 

LiaO 

1 CrO, 

Li 0 H,H 20 

35*6 

0 

Li 2 Cr 04 , 2 H 20 

180 

60*2 

Li 3 Cr 207 , 2 Ha 0 

11-2 

75-2 

CrOa 

0 

100 


(ii) The solubility of the normal hydrated chromate, calculated as 
Li 2 Cr 04 , is 49 per cent. 

The solubility of the hydrated dichromate, calculated as 
Li 2 Cr 207 , is 56 per cent. 
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(i) 46,000 cals, per gramme-atom. 

(ii) logiop = 7-81-^^^, 

, „ „„ 9,660 

or logiop = 7-66- . 

These are two typical empirical equations; the logi^pj^ graph 
allows a substantial range of choice. 

(iii) The first of the two equations above leads to an estimated 
boiling-point of 1996.° K.; observed value is about 1993.° K. 


25 


( reduction thermo-\ 
dynamically im- \ 
practicable at lower I 
temperatures / 


(ii) Kj, ■■ 


Pn, 


; log] 


5 Kp — 


-0-90 at 298° K. 
-0*93 at 1,000° K. 


( reduction thermo 
dynamically prac¬ 
ticable at both 
temperatures j 


26 

(i) 

Pressure, mm. . . 0 001 0 002 0 004 0 006 0 008 0 010 

Volume adsorbed at 
90° K. (c.c. corrected 

to N.T.P.) . . 0 130 0 147 0 160 0 169 0 177 0 182 

Volume adsorbed at 

193° K. 0 002 0 004 0 0063 0 00825 0 01038 

(ii) The results fit a Langmuir equation such as the following: 

400p 606p 

*“l+2180p l + 287'0(p’ 

(iii) Percentage of surface covered at saturation is about 97 per cent. 


21 

(i) 0*0166, 0*0194, 0*0202, 0*0211, and 0*0213 grammes respectively, 

(ii) The results do not conform to the Freundlich isotherm, but are 
moderately well represented by the Langmuir form of equation 
with coefiicients such as the following: 

1+6-34J)* 
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(i) 13*5 X 10~* gm./cm.® 

(ii) Unimolecular layer ^ 7*6 X 10~* gm./cm.® at 3 gm./litre. 

(iii) Gibbs adsorption ~ b*34:0*5x 10“® gm./cm.- 

j^At 3 gm./litre ~ = —4-8±0-4 dynes per cm./gm. per litre.j 

(iv) and (v) 

Cone., gm./litre . . . . .1 2 3 5 

Observed adsorption 10~® gm./cm.® . . 8*5 15-4 15-9 1G 3 

Gibbs adsorption ,, „ . . 2-6 3*2 3-4 3-9 

The surface tension/concentration graphs allow of some latitude in 
drawing tangents so that the Gibbs adsorption values are subject to 
an xmeertainty of about 10 per cent. 

29 

(i) Surface excess in 10“®gm./cm.* = 7-3, 7-9 (mean 7-6) (c = 3*987) 

= 4*9, 6*8 (mean 5 * 35 ) (c == 1*498). 

(ii) Unimolecular layer = 10*3 x 10~® gm./cm.* 

(iii) Concentration Qibbs adsorption 

1*498 4*8 X 10~® gm./cm.* 

3*987 6*9 „ 

THERMOCHEMISTRY AND MISCELLANEOUS 
THERMODYNAMICS 

30 

(i) AH = —99*59 kcals. (iii) AH = —45*22 kcals. 

(ii) AH = -f-G*04 kcals. (iv) AH = —210*82 kcals. 

31 

^^ 1 , 600 * 0 . = —59*54 kcals/mole. 

32 

Concentration (%) Specific heat 

3 0*9627 

12 0*8741 


33 

/Sjes* == O Oj cals./°K. per mole. 

The graphical integration introduces an uncertainty of up to 0*2 
cal./°K. Landolt-Bomstein gives a rather higher value. 
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(i) = -14,940 cals, (from KI) 

= —15,020 cals, (from Nal). Mean — 14,980. 

(ii) iSaae = 14-0 cals./°K. 

35 

.11,000 gm, water moles jlitre (c) cdtkidc 

499-7 1-508 0-2774 

472-2 1-437 0-2701 

428-9 1-322 0-2551 

395-0 1-231 0-2381 

313-9 1-001 0-1972 

Osmotic pressures (atmospheres): 132-2, 113-3, 87-0, 71*2, 41-7. 


’ % alcohol Apparent molar volume (c.c.) ‘ 
5 54-28 

8 63-853 

10 63-634 

13 63-324 

15 53-160 

18 62*931 

20 52-841 

25 52-762 

V = 52*283 c.c. in 13 per cent, solution. 

- 52-66n „ „ 23 „ 


16 per cent. 
70 per cent. 


(6) (i) Apparent molar heat capacity = —17-0, —11-7, —15-35, 
-13-68, -13-09, -11-87, -10*33, -7-41. 

(ii) At m — 0-04 the uncertainty in ^ 2-6. 

m == 2-46 „ ,, 0-04. 

(hi) ^ = 15*65 —5-16Vm (iv) Cp — 16 * 55 —7-72Vm. 


(i) TCK.) . 

79-8 

37 

94-8 

197-2 

248-4 

273-0 

288*1 

Oj,—<7, (obs.) . 

0-84 

0-77 

0-52 

0-49 

0-49 

0*49 

Cp—C, (calc.) . 

0-836 

0-772 

0-625 

0-494 

0-490 

0-490 

(ii) AHj. = 332-8-f-l-368r~ 

-4-39xl0-»r«+9-73x10- 




-81xlO~®T*. 


(hi) 332-8-3 160!riogioy-f6-69r-f4-39xlO“»T*- 

-4-86X 10-®ra+2-7x 10“*!r*. 
(iv) A graph will be foimd on p. 487 of the original paper. 
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(i) 


T(°K.) . 

13-4 

22-3 33-5 

67 

134 

268 

402 

C, (calc.) . 

1-017 

2-955 4-314 

5-485 

5*835 

5-930 

5-941 

(ii) T 

. 

n — 0 

1 

2 

5 


67 


0-632 

0-233 

0*0855 

0-00426 


335 

, 

0-181 

0-148 

0-121 

0-0667 


536 


0-117 

0*104 

0-091 

0-083 



39 

(i) r(°K.) Crfbmttonai (cals./mole) 

270 0-987 

452 1-530 

(ii) If to the above values are added fi? calories for translational 
heat capacity, R calories for rotational heat capacity (assumed 
classical about two axes of rotation) and R calories for external 
work (Op—Cp), we get 7-937 for Op at 270°K. and 8-480 for Op 
at 452° K. The concordance supports the validity of the Einstein 
equation for the vibrational energy of the chlorine molecule and 
also the assumption that the rotational energy may be treated 
as classical (^ high quantum numbers of rotation) at these 
temperatures. 

(iii) 93-4 per cent, of the molecules wdll be without vibrational energy 
at 298° K. 

40 

(i) Electron affinity == 78*2 kcals. ~ 3-39 electron volts (from KI). 

= 82-3 „ = 3-57 „ „ (from Csl). 

Some of the thermal data of this problem differ in value from 
those used by Mayer. 

(ii) Lattice energy of KI — 147-1 kcals. 

,, „ Csl = 135-3 ,, 

CONDUCTIVITY AND TRANSPORT NUMBERS 

41 

Ao = 30-6. K = 3*6 XIO-*. 

42 

(i) Aq = 126*42; observed slope == 83. 

(ii) Ao == 126-4I5. 

(iii) Slope from Ons^er equation = 88*5. 
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(i) Lithium bromide in acetophenone: 

A fair straight line is obtained when 1/A is plotted against 
A/v, leading to the values A® = 34, if = l-Sg x 10-*. 

(ii) Tetraethylammonium picrate in chloroform: 

A(, — 104*65 leading to the following values of the dissociation 


constant: 

V “ 

XxlO® = 


6,852 24,140 49,620 95,520 

2*8 3*3 4*9 4*8 

The graph of 1/A against A/v is very irregular. 


44 


(i) Aq — 62*3i 0*4; the slope dA/dVc is about 1,000, the Onsager 
slope being 138. 

(ii) At V = 11,680 the ‘true* degree of dissociation is O-SSg, whereas 


the conductivity ratio is 0*82o. 



45 



Concentration (N) 

. 0*02 

3*0 

from anolyte 

. 0*490 

0*486 

„ „ catholyte 

. 0*488 

0*485 

46 



From anode 

From cathode 


analysis 

analysis 

(i) Apparent Wli+ 

0*278 

0*273 

(ii) True 

0*307 

0*307 

(iii) Water transfer (moles/equiv.) 

1*30 

1*67 

(iv) 

4-7, + 2-2ja;. 


47 

- 0-389,. 

EQUILIBRIA IN SOLUTION 

48 

(i) Fo - -0*0205. (ii) /o.oi = 0*707. (hi) [The E.M.F. of 
the corresponding concentration cell without liquid junction is 0*1163 
volt.] »%+ = 0*732. 


49 


(i) c (moles/litre) 
p (mm.) 

(ii) [The vapour pressure 
0*0883 mm.] 

c 


. 3*021 4*670 6*559 

. 0*0078 0*0558 0*1727 

of the 6N solution is by 


. 3*021 

. 3*73 


7*646 8*266 
1*820 4*117 
interpolation 


» e 
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(i) [The successive values of the function are 0*2264, 0*2263j, 0*2261, 
0*2246, 0*22393.] 

Eq = 0*2267 ±0*0002. 

(ii) [At m = 0*01, the function = 0*2249; the E.M.F. of the cell at 
this concentration will therefore be 0*4631.] 

y±o*oi “ O’OOg. 

(hi) b = 0*67i. 

(iv) m . . 0*10266 0*48968 1*2046 2*3802 2*9666 4*0876 

y. . . 0*817 0*766 0*873 1*110 1*338 1*872 


51 


(i) 

\'Ionic strength 

Activity coefficient 

1-1 salt 

0*0183 

0*980 


0*0366 

0*961 


0*0731 

0*920 


0*1018 

0*895 


0*0484 

0*948 


0*0660 

0*924 


0*1018 

0*891 

3-1 salt . 

0*0174 

0*941 


0*0364 

0*881 


0*0483 

0*838 


0*0427 

0*865 

(ii) For the 1-1 salt a line is obtained with 

a slope between 0*46 and 


0*60 (Debye-Hiickel: 0*60). 

For the 3-1 salt a line is obtained with a slope between 1*60 and 
1*66 (Debye-Hiickel: 1*50). 

62 

(i) 


m 

. 0*004134 

0*019330 

0*02420 

0*03982 

0*05206 

0*08067 

0*09746 

} 

. 0*00167 

0*00911 

0*00986 

0*01336 

0*01734 

0*02067 

0*02386 


m 

. 0*01 

0*03 

0*05 

0*10 



(ii) 

jim . 

. 0*43 

0363 

0*32o 

0*23, 



(iii) 

y 

. 0*992 

0*977, 

0*966, 

0*946, 




Alternative values for (ii) and (iii) will be found in the original 
paper; the slight differences between the two sets of figures are due 
partly to the limited selection of data embodied in the problem 
and partly to the latitude with which the {j/mym graph may be 
drawn. 
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(i) 

Oa . . 0-004984 0-006978 0*019934 0-03985 0-05976 

Alogio/ - ~ 0-0758 -0-0705 -0-0489 -00300 -0-0176 

(ii) Conformity with an equation of the type suggested is shown by 
the linear graph obtained when Alog/—aVC^ is plotted against 
( — 0-11—A log/)VC. A second approximation establishes the 
value of A (~ logjo/ when C = 0-09953) as —0-1081 and ^ as 
1-46. 

(iii) Since — 1-46, the distance of closest approach is 4-4g A. 

(iv) For C = 0-004984 / == 0-928. 

C 0-09953 / = 0-779. 



Concentration . . . . .2-1831 4-2689 6-0586 

Degree of dissociation .... 0-970g 0-942 0-921 

Dissociation constant (in mole fractions) . 0-235 0-217 0-214 


55 

K = 9x 10*"^® (mole/litre units). 

56 

(i) K= 1-417x10-® (A) and 1-396x 10"® (B) at 25"C. 

0-719 X 10-® (C) at 0"C. 

(ii) ^H = -4,340 cals. 

(iii) E — 0*6848 volt at 25" C. and 0*6796 volt at 0° C. 

(iv) AF = —15,790 cals, at 25" C. and —15,680 cals, at 0"C. 

(v) AS = 4-4 cals./"K. 

(Vi) AH = -14,480 cals. 

(vii) == 0*2015 volt. 

57 

(i) c . . 0*003 0-005 0-010 0*015 0*100 0-300 

.K;.(x10®) . 1-53 1*56 1*58 1*59 1-64 1*69 

(ii) logK^ = 3 15054-V^-3*12/x 

Ka = 1-414 X 10~®. 
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(i) The graph has a slope dAjd'^c about ten times as steep as that 
of the Onsager equation (— 362). 

(ii) 


Concentration x 10^ 

A/A,{= a 
(OatvxM)) 

a (Hrue") 

■^Ostwald 

•^thermodynamic 

3-0763 

0-7438 

0*7641 

6-64 X 10-* 

6-66 X 10-‘ 

9*1630 

0-6730 

0-5973 

7-03 

6-47 


69 

(i) Ao - 90-99. 

Shedlovsky equation :ANfcAo = 90*99 —80-48Vc+86c(l — 0-2274Vc). 

(ii) A^^^^ r- 390-61-148-6lVci-f 162*0Ci(l-0-2274Vq). 


(iii), (iv), and (v) 

0*000036 

0*0001 

0-0002 

0-0006 

0-0010 

Ae 

389-82 

389*14 

388-64 

387-07 

386*40 



(iii) 

(iv) 

(v) 

cxl0> 

■^OstwaW X 10® 

‘trueot' 

K'X 10* 

0*02801 

1*769 

0-6392 

1-766 

0*16321 

1*767 

0*2875 

1*777 

1-02831 

1-777 

0*1238 

1-794 

9-8421 

1*804 

0-04222 

1-831 

62*303 

1*809 

0*01865 

1*861 


(vi) and (vii) The graph of logK' against Vc* leads to a limiting 
value at infinite dilution of 6*2434; the thermodynamic dissocia¬ 
tion constant is therefore 1*752x10“®. The limiting slope is 
0-96±0-03, the theoretical value being 1*01. 

60 

RT 

The extrapolation to the intercept equal to —is a little 

arbitrary with such a limited selection of experimental data. On th6 
basis of the E.M.F. data provided, a plausible value would be 
RT 

—^ IniC — 0-27686, leading to a value of the dissociation constant 

of 1*728 X 10"®. From the complete set of data Hamed and Ehlers 

arrive at the value 1-751 x 10"®; they use slightly different values of 
the fundamental constants, to which the result is very sensitive. 
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(i) Lt [function] = 0*82010 at 16® C. 

= 0*82788 at 26° C. (extrapolation rather elastic). 

(ii) = 0-443 X 10”i« at 15° C., 0-990 x 10-^* at 25° C. (Harned and 
Harner use slightly different values of the fundamental constants.) 

= -f 13,720 cals. 

62 

(i) Mean = 0-203,. 

UBr** 

(ii) Ku) = 0-99 X 10“^*; the slightly higher value in the original paper 
is possibly due to a different value for the Faraday. 

63 

The apparent molecular weight of the salt in dioxane ranges from 
1*07 to 3*43 times its formula weight; it is in fact highly associated, 
a conclusion which is consistent with the low conductivity of the 
M/1,000 solution. 

64 

(i) [P4*484M = 0-030 mm.] Po-oiM = 2-9x10“® mm. 

(ii) [HCl] = 6 X 10“^® moles/litre. 

(iii) [HCl] = 10“^^ moles/litre. 

66 

(iii) [Equivalent point =8-50 c.c.] 

K = 6-6x10“®. 

(iv) [Equivalent point = 8 09 c.c.] 

= O-lgX 10“®; = 7-27X10“®. 

66 

mi = 0-05 0*10 0-20 

(i) Lt (TTj-f TTa) 0-7383 0-7310 0-7221 volt. 

m,-o 

(ii) ttq = 0-7470 volt (extrapolation rather elastic). 

(iii) - 0-1293. 

(iv) [In gram-ion/litre imits = 0-00893 and 0-00993 respectively.] 
Ka == 0*01884 and 0*01761 respectively. Mean — 0*0182. 

(v) TTo = 0*7472 volt. 

67 

(i) The curve consists of three rectilinear sections: the first, steeply 
inclined, runs up to pH = 7, the second is half as steep and runs 
from pH = 7 to pH =11, the third final portion for pH values 
> 11 is horizontal (i.e. the oxidation-reduction potential is in¬ 
dependent of the pH). 


(213) 




(ii) The oxidation-reduction potential (Eq) can be shown to be given 
by the equation 

T>m 

where is the standard oxidation-reduction potential when the 
reduced form is entirely in the form of the doubly charged anion, 
and iC, are the two dissociation constants of the reduced 
form. For the first part of the curve [H+]® > jSri[H+] > Ky^K^ 
and the equation simplifies to 


E', 


RT^ 


RT, 


R'T 

= fc'+d^ln[H+]. 

corresponding in form to the equation for a hydrogen electrode 
or a quinhydrone electrode over its working range of pH. The 
second part of the curve corresponds to the region where 
> [H+]* or Ky and the equation becomes 
RT, RT^ 


E' 


E,+ j^\n if,[H+] -jphvK, K, 


Tirp 

Finally, in the most alkaline solutions Ky > [H+]* 


and 




E,. 


(iii) 0-228, 0 225, 0-226; mean = 0-226. 

(iv) = 2-09 X 10-“.] Ky = l-OjX 10-*, ATj = 2-0 X 10-“. 
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[KCl] = 27-9, 20-9, and 26-9 respectively. 


MISCELLANEOUS ELECTROCHEMISTRY 

69 

(i) 148-1 kcals. (ii) 200 kcals. 

70 

(i) TTo = 0*7644 volt. 

(ii) L = 8-66 X 10“^* (in activity imits based on mole8/l,000 gm. 
methanol). 

(iii) TTo == M281 volts. 

71 

(i) _ dDjdT A 

U \ -0-349 + 322 (a) 

I JD V MooODkT/ ~ J -0-386 +486 (6) 


(214) 



(ii) and (iii) 


Kc. 

{Cals.lmole) 


observed 

calculated 


(a) 

( 5 ) 

13*7 

11*9 

180 

18*3 

17*0 

25*7 

30*9 

30*8 

46*4 

38*3 

53*0 

80*0 
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(i) The voltage increases linearly with time and therefore with the 
amount of hydrogen deposited. 

(ii) 0*00036 of a unimolecular layer. 

(iii) The effective surfaces of the different cathodes (on the basis 


Hg = 1) are as follows: 

Ag (etched) ... 52 

Ag (amalgamated) . . 1*2 

Pt (bright) ... 2 

Pt (platinized) . . . 1,830 

Ni (polished) . , . 9*7 

Ni (rolled) .... 3*5 

Ni (activated) ... 29 


(iv) 


The equation = 


K 

T 


seems to express the variation of cur¬ 


rent density with overvoltage for both discharge processes, with 
K the same in both cases within the (not inconsiderable) experi¬ 
mental error: 



Temperature (°K,) 

dloglldV 

TdloglldV 

Hydrogen at mercury 

273 

9*14 

2-5x 10» 

>» >» 

345 

7*00 

2-4 „ 

Oxygen at platinum 

273 

10*3 

2-8 „ 

»» »» 

254 

6*65 

2-3 „ 


where I is the current density in amps, x 10“®/cm.® and V is the 
overvoltage in volts. 

If the equation is written in the form == 

cty ji’oOoJtiJi 

R is expressed in volt-faradays/° C., a has the value 0*5i0*05. 
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Original water 
Original solution 
Final water . 


001062 

001057 

0*03374 


a = 7 * 7 . 
( 215 ) 
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(i) 7x10-^ 

(ii) 0*07 parts per million. 

(iii) The specific gravity of deuterium-free water must be 0*999981 
relative to ordinary water; the D/H ratio in ordinary water must 
therefore be about 1/6,700. 

(iv) a “ 1*0088- 

(v) About 10®^ c.c. 


KINETICS OF THERMAL REACTIONS 

75 

The ratio must lie between 1*6 and 2*3. 

76 

(ii) Number of molecules with more than twice the most probable 
velocity =Ci: 46. 

Number of molecules with more than times the most probable 

velocity 6. 


77 

(i) 6-38 ® 10-18). 

(ii) 6“3« » 10-18), 

(iii) + l) 10-“ = 4 X 10-“. 


(iv) Number of quadratic terma 
6 
12 
18 
24 


Proportion of collisions 
7 X 10-1* 
6x10-11 
8x10-3 
4 x 10-’ 


(i) Bimolecular. 
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(ii) 3*70, 0*84, and 0136 respectively. 

(iii) 68,000 calories. 


(iv) 


At a concentration of one mole per litre, the number of mole-*] 
cules reacting per c.c. per second is 6*09 x 10®®; the number of 
molecules colliding per c.c. per second is 1*38x10*® or 2*5 
Ltimes this number = 3*44 x 10*®. 

To account for the observed velocity at 1,030° K., a heat of 
activation of 55.700 cals, is necessary; (if the factor of 2*6 
is not inserted in the collision rate, the heat of activation ob¬ 
tained is 63,800 cals.). 


(216) 



(i) Unimolecular. 


79 


(ii) 29,500 cals. 


80 

The reaction is homogeneous and unimolecular; the velocity constant 
may be expressed by an equation such as: 

A; = 3-5 X 

The slight uncertainty in the gradient of the logic graph naturally 

affects both the exponential term and (more conspicuously) the non¬ 
exponential portion of the expression; a value of as high as 42,400 
for the heat of activation is not inconsistent with the data selected 
for the problem and such a value would lead to a corresponding 
increase in the coefficient by which the exponential term is multiplied. 


81 

On tungsten the reaction is of zero order with respect to ammonia 
and is uninfluenced by the pressure of hydrogen present; this points 
to the tungsten surface being almost completely covered by ammonia. - 
On platinum the rate is roughly proportional to the ammonia 
pressure and almost inversely proportional to the hydrogen pressure; 
this suggests that the catalyst is nearly covered with hydrogen which 
must be much more strongly adsorbed than ammonia. 
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(i) The order is about 2*8; the reaction is therefore predominantly 
termolecular. 

(ii) Keaotion velocity 

(hi) 1-48, 1-27, 1*29, and 1*64 x 10"’ respectively. 

(iv) 1*28 and 1* 19x10"’. 

(v) The anomalies originally attributed to the heterogeneous reac¬ 
tion are now interpreted otherwise; the paper quoted in the note 
should be consulted. 

(vi) 42,000± 1,000 cals. 
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(i) The order of reaction is f; this suggests the mechanism men¬ 
tioned in (ii). 

(ii) 6,500 cals. 
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(ii) 2-9x10®. (hi) l-7xl0"«. 

(217) Ff 


40&4 


(i) 1-0 
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(i) Unimolecular, 

(ii) 1-9 X 10■‘^ 2*0 X 10“® (sec.“^logi0units). 

(iii) 69,000. 

(iv) See Hinshelwood, chap. v. 

(v) Approximately 11. 

86 

2-303jK: 

^ 

r V(Jt: a+ig») + (x+i g) ^{Ka+lK^)j-lK] 

(ii) [K = 0-405.] 


t (sec,) 

ki (molejlitrelaec. 

1,350 

3-53xl0-> 

2,070 

3-54 

3,060 

3-75 

6,340 

3-49 

7,740 

3-71 
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(i) 21,000-21,500 cals. 

(ii) For E = 21,000 cals., k == 3*3 x 10~* 

= 21,600 „ ifc=l-6xl0-». 

(iii) An error of 600 cals, in the heat of activation approximately 
doubles (or halves) the calculated velocity constant. 

88 

(i) E — 6,600, 6,800, and 12,100 cals, respectively. 

(ii) [Calculated velocity constants: 7*4 x 10’, 4-2 x 10®, and 7*4 x 10*.] 
P — 1-2 X lO"*, 2*9 X 10“’, and l'5x 10“’ respectively. 

(iii) In these experiments E plotted against kM^ lies on a line 
of gradient close to 2-303i?!r, therefore P varies comparatively 
little and the differences in reaction velocity are primarily due 
to differences in the energy of activation. 
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dlogipK 

d'^fx 

(Observed) ( Theoretical) 

-~l-8 -20 

+4*3 +4-0 

(218) 


First reaction 
Second reaction . 
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(i) A'„ 5-30 X ]()-". 

(ii) ^•H.o -= 0146. 

(iii) i„- = 0 011,. 

Ap, -- 0 079. 

0 000 ,. 

A’pyH-^ = ^^HtO ~ 9*0 X 10“*^. 

(iv) The graph will be found on p. 2583 of the original paper. 


PHOTOCHEMISTRY 

93 

0*51 and 0*56 molocules/quantum respectively. 

94 

See pp. 145 and 146 of the original paper. 

95 

(i) Rate oc [CjH4lj] and independent of [Ij]. 

(ii) Rate = [C2H4IJ]. 

(iii) Quantum efficiency = 26*4 and 23-4 respectively. 

(iv) See the original paper. 

96 

(i) Reaction is of zero order with respect to cinnamic acid. 

(ii) and (iii) 

Feeble absorption; 

Strong absorption; — [BrJ. 
dt 

(iv) Quantum efficiency = 38. 

(v) See the original paper. The proposed mechanism leads to kinetic 
equations similar to those foimd experimentally. 

(219) 


4094 


Ff2 
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(ii) T == 4*3 X 10~® seconds. 

98 


Wave-hngth 

{A.) 

Quanta!sec, per 
cm. deflexion of 
photo, cell 

X 

(mm.) 

Number of 
molecules of NOg 
decomposed per 
second in cell 

Number of 
quanta 
absorbed 
per second 

4,360 

6-6X 

0 

0 


4,050 

3-6xl0>» 

1*22 

2-9xl0>* 

4-0 X 10“ 

3,650 

l-4,xl0i» 

1*68 

7-5x10“ 

_ . --_j 

3-7 X 10“ 


Wave-length Quantum 

(A) efficiency 

4,360 0 

4,050 0-71 

3,650 204 

MOLECULAR STRUCTURE 

99 

( Phosphorus tribromide 244*4, 244*0. 

Azoxybenzene . . 444*0, 444*8. 

100 

(i) Parachor (observed) = 295d;5. 

(ii) CH3.CeH4.N^C= 291*3. 

101 

(i) 9*2, 13*1, and 16*7 A. respectively. 

(ii) The results suggest a straight (zigzag) rather than a coiled con¬ 
figuration for the chain. 

102 

(i) [Intercept on (e—l)t)T axis at T — 0 is 0-87.] 
fjL =• 1*02 X 10“^* e.s.u. = 1*02 Debyes. 

(ii) (electronic charge) x (inter-nuclear distance) = 6*1 Debyes. 

103 

’Weight fraction .... 0*02672 0*03727 0*05225“ 

Pj (total) (c.c.) .... 128*6 127*6 126*3 

Pj (electronic) (c.c.) . . . 42*3 41*8 41*0 

-fjitoteJ == 26*6; Pieiectronic === 26*3. Pj (total)^y^ = 131 c.c. 
fjL = 2 O 7 X 10*^® e.s.u. 


(ii) 


Br 

I p/Br = 241-7. 
Br 

^N==N- 

o 


= 446-6. 


(220) 
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[Total polarization at infinite dilution —175 c.c.; distortion polariza¬ 
tion = 27 C.C.] 

p = 2-G7 X 10-is o.s.u. 

105 

(i) 7,038, 6,538, and 6,244 c.c. respectively. 

Limiting value = 7,100 c.c. 

(ii) [P^ = 6,955 c.c.] 18-3 x lO’^* e.s.u. 

(iii) 3-83 A.; 1-55 X 10~* dynes. 

106 

(i) Pjg = 33*87 c.c. (Bsa and an) 

“ 33*84 c.c. (yn and jSn)* 

(ii) Temperature (° C.) . . —90 —30 -f20 -f70 

-Ptotai (c.c.) . . . 34*49 34*69 34*76 34*88 

(iii) ^ = 0 since Ptotai increases with temperature; even if (Ptotal —-Fi) 
were attributed exclusively to orientation polarization, it would 
correspond to a dipole moment of only 0*2 Debye. 

(iv) Pi — 0*92 c.c. 
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To save space the results for a few selected points only are given 
below; 


Length of film 
(cm.) 

Areal molecule i 
(A.*) j 

Surface pressure 

1 (dynes j cm,) 

20*9 

22-47 

1 0*30 

20*1 

21-61 ! 

1*94 

19*1 

20-53 1 

1 

i 7*82 

1 


The cross-sectional area of the molecule = 22 A.* 
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To save space the results for a few selected points only are given 
below: 


Length of film 
(cm.) 

Area/molecule 

(A.*) 

Surface pressure 
(dynes/cm.) 

33*0 

49*06 

0*40 

25*0 

3717 

5*32 

18*0 

26*76 

11*96 


The kink near 31 A.*/molecule corresponds to the transition between 
expanded and condensed states. 

(221) 
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Drops 

{N) 

Length of film 
(cm.) 

Area/molecule 

(A.») 

FxA 

{dynes/cm,) x {A.^/molecule) 

1 

360 

701 

341 

2 

»> 

350 

294 

4 

>» 

175 

260 

6 

»» 

117 

280 

8 

»» 

87*6 

351 

10 


70*1 

633 

10 

300 

60*1 

667 

10 

260 

60*1 

853 


The limiting value (at low pressures) of the product 
(dynos/cm.) x (A.*/molecule) 

is about 400, in harmony with the theoretical value for a two- 
dimensional gas. 
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To save space the results for a few selected points only (at film- 
length = 35 cm.) are given below: 


Solution 

Drops 

Area/molecule 

(A.^) 

Surface pressure 
(dynes/cm,) 

A 

1 

947 

0162 

B j 

10 

85*7 

0*199 

C 

1 

4,284 

0*065 


Between about 50 and 850 A.Vmolecule the surface pressure is 
practically constant; it falls off more or less according to the two- 
dimensional gas law at higher areas and increases very sharply at 
lower areas, being here a liquid film under compression. The fluc¬ 
tuating surface potential is observed in the region where the film 
consists of floating islands of coherent film in equilibrium with 
saturated two-dimensional vapour film. Above 850 A. Vniolecule only 
vapour film is present. 

Ill 

(i) ]*64 X 10® dynes/cm. (iii) C—C: 3*44 X 10® dynes/cm. 

(ii) 1*35 X 10® dynos/cm. C—H: 4*64x10® „ 

(222) 
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(i) The successive increases in the heat of combustion as the homo¬ 
logous series is ascended are 160*02, 157*76, and 167*37 kcals. 
respectively. This suggests that after methane the heats of 
linkage are nearly additive. 

Taking the three higher parafiins, ^ best values for the 
C—H and C—C linkages are 86*4 and kcals. 

(ii) Heat of formation from atoms == 672'4 kcals. (observed) 

== 696*6 „ (calculated); 

the difference corresponds to the strain in the ring. 

(hi) C=C: 96*6 kcals. 
feC: 124*2 „ 

(iv) C—O in dimethyl ether =71*0 kcals. 

„ ethyl alcohol = 70*8 ,. 

(v) C=»0 in acetone = 166 kcals. 

(vi) Atomic heat of formation of carbon monoxide = 209*5 kcals. 

„ „ „ carbon dioxide = 336*8 „ 

(~2 = 167*9) kcals. 

Both heats of formation are abnormally high compared with 
the heat of formation of the carbonyl link. 

(vii) Atomic heat of formation (observed) = 1,037*3 kcals. 

„ „ „ (calculated) = 986*4 „ 

Benzene therefore shows a resonance energy of 60*9 kcals. 
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1 = 2*68 X 10~^® gm. cm.2 Intemuclear distance = 1*28 A. 

114 

(i) 2*469 electron-volts. (ii) 56*9 kcals, 

115 

17*5 kcals. (= 0*76 electron-volt). 

116 

(i) 21*9 kcals. (ii) 117*3 kcals. 

117 

263 kcals. (= 11*41 electron-volts). 

118 


(i) 25*6 kcals. 


(223) 


(ii) 59*9 kcals. 
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(i) r(A.) ... 0-8 10 1-2 1*4 

l/(cra.~i) . . +20,270 -89,090 -89,730 -66,830 

r(A.) . . . . 1*8 2*4 4 0 

?7(cm.-i) . . -28,600 -6,570 -110 

(ii) r(A.) .... 0*9 1*0 M 1-2 

C/(ground state) {cm.“') —35,200 —77,000 .. —91,100 

„ (upper state) „ . +38,060 —3,860 —21,820 

r (A.) .... 1*3 1*5 2*0 4*0 

t/(ground state) (cm.~^) —84,600 —64,400 —24,700 —300 

„ (upper state) „ . -26,630 -18,770 -2,210 +6,820 

These potential energies refer to that of the two dissociated 
normal atoms as zero. 

CRYSTAL STRUCTURE 
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(i) 4x58. (ii) 5*62 A. j(iii) 0*689 A. 

121 


sin^ 

~A~ 

, 

. 01 

0*2 

0*3 

0*4 

0*5 

0*6 

0*7 

0*8 

0*9 

10 

NaCl 

1 /n* 

. (9-5) 

7*9 

6*5 

3*9 

2*6 

1*7 

M 

0*8 

0*6 

0*4 

V /ci 

• (15-7) 

11*4 

8*05 

61 

4*9 

3*8 

3*0 

2*2 

1*6 

M5 

NaF 1 

/n* 

. (9-7) 

8*1 

6*2 

4*5 

3*25 

2*3 

1*6 

M5 



/r 

■ (8-9) 

7*2 

4*85 

3*1 

1*9 

1*3 

0*9 

0*66 

.. 
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(i) — 2 cos 27 T(hx + + Iz). 

(ii) ^hkl ~ 

where A = co8 27r{hx-\~ky-i-lz)-{-co8 27r{~hx-j~k{y~^^) — lz} 

B — 8m.2Tr(hX'\-ky-\~lz)-^B\xi2TT{—hx-\-k(y-{-\) — lz}, 

(i«) ^hkl = 

where A = cos 27r(/ix+%+!«) +cos 27r{/i(a;+J) — A;t/ + Z 2 :} 

B — B\n 27 r(hx~\~ky-\-lz)-\- 8 m 2 Tt{h(x-\-\)--ky-\-lz}. 

(iv) In the case of (i) all reflections appear for 0A;0 (k odd) and hOl 
(h odd). 

In the case of (ii), OkO reflections are absent when k is odd. 

In the case of (iii), hOl reflections are absent when h is odd. 

(v) If the screw axis is placed at the origin, the centres of symmetry 
are at J J 0, f i 0, J J 0, and £ | 0. 

(224) 



(vi) 1,172; two nickel atoms in cell, 

(vii) Maximiim m.w. (from crystallographic data) = 686 , 

Minimum m.w. (from analytical data) ~ 659. 

(viii) The molecule must have a centre of symmetry and the nickel 
atoms be placed at the crystallographic centres of symmetry. 
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(i) jP — /j.e{cos irh cos irk + cos nl +cos 7 t(/i -f A; -f- Z)} *f 

+ 2/b[cos 27ni(h -f- k -f- Z) -f cos 27T{u{h — A;—Z) + + A:)} + 

-f cos 2TT{u{h-\-k~l) \ (k-\-l)} -\- 

4- cos 27r{u(k-{- Z)}]. 

For hOO (h even) this becomes 4[/Ke + 2/8COs27T/^w]. 

(ii) To save space, values of F/4 are given below for the 200 plane 


only: 

27Txld . 0 ^ 

0 

0 

60° 

80° 

0 

0 

120 ° 

1 

00 

0 

0 

u . .0 

00655 

0-0833 

0-111 

0-125 

0-167 

0250 

F/4 . . 401 

360 

30-2 

23-1 

8-8 

~l-9 

196 

u ~ 0-114. (The data of the problem do 

not permit of any 


certainty as to the third significant figure; the value given here 
is that obtained by Fourier analysis.) 

(iii) S—S =- 2-14 A. 

Fe—S = 2-26 A. 

124 

1-98 A.; the binding must be homopolar. 
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Electrons per A.; 


27TXld 

. 0 

10 

20 

30 

40 

50 

60 

70 

80 

90 

86° K. 

. 32-6 

27-3 

16-1 

8-5 

6-3 

5-7 

4-5 

3-3 

2-9 

2-6 

290° K. 

. 27-1 

24-0 

17-4 

11-0 

7-2 

5-6 

4-6 

3-7 

3-1 

2-8 

900° K. 

. 18-0 

17-4 

15-6 

13-2 

10-5 

8-2 

6-3 

4-9 

4-1 

3-7 

27rx Id 

. 100 

110 

120 

130 

140 

160 

160 

170 

180 


86° K. 

. 2-4 

2-4 

3-1 

4-3 

5-4 

7-2 

11-2 

16-6 

19-2 

., 

290° K. 

. 2-8 

2-8 

3-4 

4.4 

5-4 

8-3 

11-6 

14-7 

16-0 

.. 

900° K. 

. 3-7 

4-1 

4-8 

6-0 

7-3 

8-9 

10-3 

11-3 

11-7 

,, 


RADIOACTIVITY 

126 

(ii) From the decay curve ^plotting against zj, — 4 0 days 

and K — 0-174 day~^. 

From the regeneration curve (applying the Guggenheim 
method to the results of days 2 to 10), X == 0-163 day“^; if the 

(225) 



results for the latter period of regeneration are used lower values 
of K ore obtained. 

(iii) The shape of the earliest portion of both curves is due to the 
decay and regeneration respectively of the short-lived products 
from thorium-X. 
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(i) 3-1 X 101®. (ii) M7X10-” sec.“i 

128 

4-7 X 10~i« sec.-i = 1-48 x lO-^® year“i. 

129 

K 7 X 10“^* sec."^ = 3x10® years. 

130 

(i) 0*02085 mm.® (ii) 158*6 mm.® (iii) 6*06x10®®. 

131 

Atomic number =72. 

132 

(i) 0*00345 (s= 0*00236 gm. of Pb on surface of 1 gm. PbS04). 

(ii) 12,800 cm.®/gm. 

133 

(i) Calculated energy per a-particle = 7*2 (±1*4) million volts. 

(ii) Calculated energy per a-particle (based on second set of nuclear 
masses) = 8*63 million volts. 


(226) 



USEFUL QUANTITIES AND THEIR LOGARITHMS 


Constant Symbol Value Logarithm 

FTJNDAMBNTAL CONSTANTS 


Avogadro's number 

N 

6*064 X 10« 

23*7828 

Electronic charge 

€ 

4*774 X 10~w 

10*6789 

(e.s.u.) 

Faraday constant 

F 

96,490 

4*9846 

(coulombs) 

Planck's constant 

h 

6*547 X 10“*’ 

27*8160 

(erg X sec.) 

Gramme-molecular- 

G.M.V. 

22-41 

1*3504 

volume (litres) 

Velocity of light 

c 

2*998 X 10»® 

10*4768 

(cm./sec.) 

Boltzmann's gas con- 

k 

1*371x10-1® 

16*1370 

stant (ergs/molecule/®K.) 

ENERGY CONVERSION FACTORS 
calories per joule 

0*2390 

1*3783 

joules per calorie 


4*185 

0*6217 

1 electron-volt = 


23,054 cals./mole 

4*3627 



8,106 reciprocal cm. 

3*9088 

— 


12,336 Angstroms 

4*0912 



1*591 X 10“i* ergs/molecule 

l2*2017 

1 reciprocal cm. = 


1*963 X 10“i® ergs/molecule 

16*2930 



2*844 cals./mole 

0*4539 

THE GAS CONSTANT 

AND RELATED FACTORS 


The gas constant 

(cals./mole/°K.) 

R 

1*986 

0*2980 

(1 it re -atmospheres / 

R 

0*08207 

2*9142 

mole/°K.) 

(ergs/mole/°K.) 

R 

8*314x10^ 

7*9198 

RT at 26° a (298° K.) 


591*9 

2*7722 

(cals./mole) 

R X log* 10 (cal8./mole/°K.) 

4*573 

0*6602 

It L 

~^log* 10 at 26° C. 


0*05911 

2*7717 

(volts) 

log* 10 at 20° C. 


0*06811 

2*7643 

(volts) 

MISCELLANEOUS 


n 

3*1416 

0*4971 


log* 10 

2*303 

0*3622 


logics 

0*4343 

1*6378 


0° C. 

273° K. 

2*4362 


26° C. 

298° K. 

2*4742 


1/298° K. 

0*003366 

3*6268 

Atmospheric pressure 

P 

760 mm. 

2*8808 


(227) 



DATE OF ISSUE 

This book must be returned within zhhA 
days of its issue. A fine of ONE ANNA per day 
will be charged if the book is overdue. 



